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PREFACE 


This book is intended for students in their first year of science 
or medicine; it is devoted almost entirely to the subject of the 
correlation of structure and properties that can be derived from 
considerations of the heteropolar bond, a subject that is largely 
neglected in other books. 

The author believes that a thorough grasp of all the implications 
of the heteropolar bond provides the student with a surprisingly 
wide insight into inorganic chemistry as a whole. The subject has 
been neglected in other textbooks probably because a rigid theory 
of the chemical bond can be given only for comparatively simple 
substances, and approximations have always to be made for more 
complex ones. Even though the electrostatic theory can only be 
regarded as an approximation of the general theory, yet it clarifies 
a large part of chemistry. Throughout the book, however, the 
limitations of this treatment are stressed and in fact they help to 
introduce the student gradually to the other kinds of chemical 
bonds which are dealt with in the later chapters. 

As the title Molecules and Crystals in Inorganic Chemistry 
indicates, two conceptions of molecular aggregation are dealt 
with. The molecule in inorganic chemistry only occurs in minute 
concentrations in the vapour state of the more important classes 
of inorganic compounds such as oxides, salts and bases. It is the 
coordination crystal which is held together by electrostatic bonds 
and which dissociates into ions in water. In fact to a large extent 
the distinction between crystal and molecule corresponds to that 
between the electrostatic and homopolar bonds. This is of course 
too wide a generalization, and there are many exceptions, for 
example diamond which is made up of homopolar crystals, and 
there are also some volatile compounds which are partly hetero¬ 
polar in character. 

This translation is based on the third Dutch edition, now in 
preparation, 

J. C. Swallow 

April 1949 
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CHAPTER I 


INTRODUCTION 

1. PROBLEMS OF CHEMISTRY 

The famous discovery by Lavoisier that metals increase in weight 
when calcined marked the beginning of a new era in chemistry. 
Combustion coidd no longer be considered as a loss of material, 
but as a process involving the taking up of oxygen; the phlogiston 
theory was, in fact, dead. Stimulated by the atomic theory of 
Dalton in 1807 chemistry now developed very swiftly along 
entirely new lines. The discoveries at the end of the eighteenth 
and the beginning of the nineteenth century constituted the first 
great turning point in chemistry, and the second was Bohr’s 
theory of the atom, which led to the development of chemistry 
along lines previously followed in physics. Lavoisier’s discovery 
resulted in all the old ideas being discarded, whereas Bohr’s 
atomic theory brought new light to bear on existing knowledge 
and gave to chemistry a newer and wider perspective. 

In broad outline the picture of chemical science about 1900 
was as follows; With the exception of some elements, principally 
the rare earths, qualitative and quantitative analyses no longer 
represented any major problems. Organic chemistry was forging 
ahead and the structural formulae of complicated compounds 
such as sugars and alkaloids had been worked out. 

The physical chemist meanwhile had concentrated his attention 
on a number of important thermodynamic relationships between 
different properties such as freezing point and latent heat of 
melting, vapour pressure and temperatmre, and the heat of re¬ 
action and electromotive force of a galvanic cell; such relation¬ 
ships were of particular importance in applications of the phase 
rule to equilibria between different phases. It was, nevertheless, 
impossible to give an answer to the question why a particular 
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material had different properties from those of another. In the 
scientific literature of those days this kind of problem is seldom 
mentioned, and the impression is given that the possibility of 
answering such questions was never envisaged. There was, for 
example, no speculation on the differing volatilities of HCl and 
NaCl, or why NaCl is an electrolyte and CCl* is not, or why 
Th(OH )4 is a base and SKOH)^ an acid. There is therefore missing 
from the chemistry of 1900 any consideration of the problem of 
how the properties of a substance depend on its structure; it is 
moreover obvious why such problems at that time were insoluble, 
for without knowledge of the properties of the atoms composing 
the molecules it is impossible to correlate the properties of a 
substance with its chemical structure. 

It appears paradoxical that at a time when it was known how 
atoms were arranged in complicated molecules, almost nothing 
was known about the atoms themselves and this is no exaggera¬ 
tion, since in 1900 only the relative atomic weights of atoms were 
known, and not the absolute values. It is therefore hardly sur¬ 
prising that some scientists of repute still doubted the reality of 
atoms, and amongst them was Ostwald. He finally accepted the 
implications of the investigations of Svedberg on the Brownian 
movement of colloidal particles, which provides a visual demon¬ 
stration of the thermal movement of molecules as the direct result 
of the bombardment by surrounding molecules. 

The evidence for the reality of atoms, provided by the Brownian 
movement, was still not accepted a hundred years after discovery, 
but was greatly strengthened by the results of research in radio¬ 
activity and x-rays. By means of interference phenomena, which ■ 
occur when x-rays fall on a crystal, it is possible to determine 
with great accuracy the position of atoms in a crystal, making it 
difScult to doubt any longer the reality of the atoms. 

It is really remarkable that the series of experimental discoveries 
which at the end of the nineteenth century had provided such 
strong evidence for the reality of atoms should at the same time 
have destroyed the early concept of the atom. They tau^t us that 
atoms are physical realities, but on the other hand they proved 
that these atoms were certainly not indivisible, and in fact must 
possess a complicated structure consisting of a positively charged 
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nucleus and negatively charged electrons. The abandonment of 
the idea of indivisibility of atoms, and the recognition of the 
possibility of transmutation, has changed the aspect of chemistry 
very little indeed, because in most chemical processes the atom 
can still be regarded as indivisible, inasmuch as the nucleus is not 
affected. The knowledge which has been gained on atomic 
structure has, however, greatly broadened the scope of chemistry, 
and the atomic theory has led to an understanding of the forces 
acting between atoms and opened up the possibility of finding the 
relationship between constitution and properties of substances, 
so that it is now possible to answer such questions as: 

1 What compounds will be formed when two elements react 
with one another? 

2 Why has a given compound its particular properties? 

3 What properties will hitherto unknown compounds have? 

4 What atoms must react together, and in what way, in order 
to produce compounds with given properties? 

2. BOHR’S MODEL OF THE ATOM 

Rutherford’s experiments on the bombardment of thin layers 
of metals by a-particles showed that the mass of the atom is 
concentrated in a very small positively charged nucleus. Thus, the 
ideas arose that the atom consists of a positive nucleus and a 
number of electrons, and that the atom as a whole must be 
electrically neutral. Thus, if the nucleus has a charge n then there 
must also be in the atom a number of electrons together possessing 
the same charge n. If we express the charge of the nucleus in terms 
of the charge of an electron as unity, then the so-called ‘atomic 
number’ is equal to the number of electrons. The question now 
arises as to how to reconcile the existence of positive and negative 
charges together in an atom. 

What in fact prevents the negative electrons from joining with 
the nucleus? The difficulty was partially overcome in the theory 
of the atom published by Bohr in 1913 which was based on the 
experiments of Rutherford, and the resulting model of the atom 
has properly been called the Rutherford-Bohr model. Although 
this origind picture of the atom has been modified to a large 
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extent, it is still for the purpose of this book of the very greatest 
use*. According to Rutherford and Bohr the atom consists of a 
positively charged nucleus round which a number of electrons 
move under the influence of the electrostatic forces which the 
nucleus exerts on the electrons. The whole system can be likened 
to a solar system in which the planets revolve round the sun in 
defined orbits, but an essential difference between the planetary 
system and the atom is that in the former the planets can have 
all possible velocities, whilst in the latter the movements of the 
electrons are confined to definite velocities, and the quantum 
theory tells us how these are determined. 

The hydrogen atom has a nuclear charge of unity and therefore 
has one electron. According to Bohr this electron will have one 
velocity so that it moves in a circular path with a radius of 
0-532 X 10“® cm; it can further describe a path with a radius of 
4 X 0-532 X 10~® cm and in general paths of radii x 0-532 X 
10“® cm in which «is a whole number, but no intermediate values 
can occur. Corresponding to each of these paths there is a certain 
energy of the system which we can call if the electron is in the 
first orbit, and £2 when it is in the second, and so on. 

If the electron is now brought from the first into the second 
orbit, then an amount of energy must be expended equivalent 
to E 2 —El. If, on the other hand, the electron moves from state 2 
to state 7, then an amount of energy E 2 —Ei is set free, which 
according to Bohr is released as monochromatic radiation of a 
frequency given by the relationship v = {E^—E^jh, in which h 
is Planck’s constant. 

If an electron in a hydrogen atom moves from one orbit to 
another with lower energy, radiation will be emitted the frequency 
of which tells us the energy difference between initial and final 
states. From studies of spectra we can then calculate in principle 
in what energy states an atom can occur; and, even more important 
for our purpose, we can calculate the energy required to move an 

* In the modern model of the atom based on wave mechanics, the con¬ 
ception of electronic orbits in the old model is replaced by the idea of the 
probability of the occurrence of an electron at a given point. The conclusions, 
however, which can be drawn from the older model remain the same in the 
newer conception and it is important to remember that in this new model 
the essential points of Bohr’s theory have not been discarded but merely 
interpreted differently and very greatly refined. 
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electron from the orbit of lowest energy to an infinite distance 
from the atom. Such a process leads to splitting the atom into a 
positive ion and an electron, and the energy needed to carry this 
out is called the ionization energy or, less accurately, the ionization 
potential 

Now an atom can in general lose more than one electron, and 
work must be performed to remove each of these electrons from 
the atom. Each subsequent electron will then have its own 
ionization energy, which will be greater for the second electron 
than for the first, because in the removal of the second electron it 
is being attracted by a positively charged ion. If an atom normally 
contains n electrons, then in the removal of the first electron 
it is attracted by the nuclear charge ne and repelled by the total 
charge (n —l)e of the remaining electrons. The second electron 
is also attracted by the nucleus but repelled only by («—2) 
electrons so that the more electrons the atom loses, the greater 
will be the ionization energy for subsequent electrons. 


3. PERIODIC SYSTEM OF THE ELEMENTS 

In addition to the methods applied by Rutherford there are others 
for determining the magnitude of the nuclear charge. From the 
study of spectra it appears that hydrogen, helium and lithium 
possess 1, 2 and 3 electrons, respectively, and thus the nuclear 
charges or atomic numbers are known. The x-ray spectra, which 
are much less complicated than light spectra, can be used to 
determine the atomic numbers of all known elements. The elements 
are now arranged in a series of increasing atomic number or, 
what amounts to the same thing, in a series with an increasing 
number of electrons per atom. In this way we obtain an almost 
continuous series starting with hydrogen, nuclear charge one, and 
finishing with uranium at 92. There were only three gaps in this 
series and the missing elements have since been found amongst 
the fission products of the trans-uranium elements. The arrange¬ 
ment according to increasing atomic number gives almost the same 
order as the series based on atomic weight and put forward by 
Mendel^eff as the basis of his periodic system of the elements. 
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The periodic system based on atomic number does not show any 
of the irregularities which occur in Mendelieff’s system where, 
as a result of the properties of the element, the noble gas argon 
must be placed before potassium, and tellurium before iodine, 
although the atomic weights of argon and tellurium are greater 
than those of potassium and iodine. Further, there is a complete 
group of elements into which one gets a clearer insight when 
arranged in a periodic system according to atomic number than 
according to atomic weight. In Mendeleeif’s system, after the 
element barium comes a series of elements, the properties of which 
are so similar that their separation constitutes one of the most 
difficult problems in analytical chemistry. So long as these ele¬ 
ments are arranged according to atomic weight, it was not known 
precisely how many of these ‘rare earths’ existed. When Bohr 
produced his theory it was known with certainty that barium had 
an atomic number of 56, and that the next element known with 
certainty was tantalum with an atomic number of 73, so that there 
should be sixteen other elements between these two. Bohr now 
showed that, of these, fifteen must have the properties of the rare 
earths, whilst the properties of the sixteenth should resemble 
those of the element zirconium, and therefore should be looked 
for not amongst the rare earths, but amongst the zirconium 
minerals, where in fact it was soon found. The way in which Bohr 
came to this conclusion can be understood best by further con¬ 
sideration of the periodic system. 

The expression ‘periodic system’ indicates that there is a certain 
connection between the properties of elements and the places 
they occupy in the series; certain properties will recur after a 
certain number of places. Sodium, eight places after lithium, has 
properties strongly resembling those of lithium, whilst eight places 
further on occurs potassium which again has similar proper¬ 
ties. In order to bring out these similarities the elements with 
similar properties are arranged in vertical order in the periodic 
system in Table L The last column or group contains the elements 
helium, neon, argon, krypton, xenon, radon, the so-called noble 
gases, which do not form molecules with any othyer elements. 
They are in fact monatomic gases at ordinary temperatures, and 
can only be liquefied at low temperatures. 
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The Periodic System of the Elements 
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The first group contains the alkali metals lithium, sodium, 
potassium, rubidium, caesium, and the element 87 of which very 
little is known. They are all monovalent metals which react readily 
with a variety of other substances such as oxygen, water and 
chlorine. The next group contains the alkaline earth metals which 
are all bivalent, while the penultimate one contains the halogens 
fluorine, chlorine, bromine and iodine. The similarities in proper¬ 
ties of these elements, especially the three latter, has already been 
noted. The halogens have always been one of the pillars of the 
periodic system. In this group also occurs the element 85, whose 
unknown properties can easily be predicted from those of the 
other halogens. Also, the elements of the sixth group strongly 
resemble one another, particularly sulphur and selenium. The 
elements in this group are called ‘chalcogens’; oxygen forms the so- 
called ‘chalks’ with metals, an old name for oxides, just as the 
halogens form salts with them, so called after NaCl, Latin Sal. 

Bohr’s atomic theory gives a very satisfactory explanation of 
the periodicity in the natural system of elements, and in order to 
understand its full implications we must now consider the models 
of atoms with more than one electron. The electrons in an atom 
cannot be all considered as equivalent. Thus, whilst a fairly small 
amount of energy is sufiicient to remove the first of the three 
electrons from the lithium atom, the energy necessary for further 
ionization is fourteen times greater, see Table V. If both electrons 
were equivalent, then the ionization energy for the second would 
be about twice as great as that for the first. From this we can argue 
that the first electron is bound less strongly than the second, and 
that the orbit of the first electron is farther away from the nucleus 
than that of the other two. Similarly, for the following element 
beryllium, two electrons are fairly easily removed and the remain¬ 
ing two are more strongly bound and thus are apparently closer 
to the nucleus than the first pair. Apparently therefore there is a 
group of two electrons held more strongly than all others and 
having orbits closest to the nucleus. This group of two electrons 
occurs complete in all elements with the exception of hydrogen, 
and is called the K group or shell. 

In the sodium atom there is again one electron which can be 
removed easily and in magnesium two of this kind, and in both 
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there are ten other electrons of which two belong to the K shell, 
whilst the remaining eight correspond to a new group called the L 
shell. In fact the atomic theory has postulated that in most atoms 
the electrons are distributed amongst the K, L, M, N, O and P 
shells which, when complete, contain 2, 8, 18, 32, 50 and 72 
electrons respectively. The number of electrons contained in each 
of the shells is given by the formula Irp-, where n has the values 
1, 2, 3, 4, 5 and 6 corresponding to shells AT, L, Af, N, O and P, 
The last group is, however, never complete because the greatest 
number of electrons in the heaviest element known to exist is 96. 

The reaction of neutrons with uranium results in the formation 
of a series of elements which have never been previously observed 
in nature, namely neptunium 93 and plutonium 94. Further, it 
has been found that in radioactive processes where elementary 
particles are emitted, elements with higher nuclear charges are 
formed, namely americium 95 and curium 96. Amongst the pro¬ 
ducts of further breakdown of radioactive elements, the elements 
astatium 85 and francium 87 were discovered. The element 43 
was found amongst the products of the fission process in which the 
plutonium nucleus splits into two heavy fragments, and has been 
given the name techneticum. It is still not certain whether the 
weak lines which were found earlier in x-ray spectra correspond 
to this element. 

The existence of element 61 can also be demonstrated, so that 
the whole series of elements with atomic numbers from 1-96 is 
thus complete. Many of the more recently discovered elements 
have so far been obtained in such small quantities that they cannot 
be studied by ordinary chemical methods. By means of radioactive 
measurements, however, it is possible to obtain some idea of 
their solubility and volatility. Plutonium and techneticum on the 
other hand can be obtained in much larger quantities, and in 
fact the crystal structure of the latter has already been determined. 
It is important to note that those elements with atomic numbers 
higher than 92 in no way resemble those following tungsten; 
thus neptunium is not similar to rhenium. We shall return to this 
point again later. 

With elements other than hydrogen and helium the electrons 
in the second or L shell begin to develop after completion of the 
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K shell, and this process continues until, in neon, the L shell is 
complete with 8 electrons, so that the elements from lithium to 
neon form the second period. 

The M shell begins to develop with the elements which follow 
neon and, after 8 places in the table, we come to argon with 
8 electrons in the M shell which like neon is a noble gas. 
Argon is the last element in the third period, and although the M 
shell is not yet complete, the next electron shell begins to develop 
with the elements which follow. However, in scandium, the third 
element after argon, normal growth of the N shell stops because 
further electrons begin to fill the still incomplete M shell. This 
shell also contains 8 electrons, so that we would expect that after a 
further 10 elements the M shell with 18 electrons would be com¬ 
plete. However, in copper one of the electrons of the N shell goes 
over to the M shell so that the latter is now complete. Thus, copper 
has one electron in its outer shell, which now proceeds to develop 
in the subsequent elements until with krypton it again has 8 
electrons and the properties of a noble gas. The growth of the 
M shell comprises the fourth period of the system with 17 elements 
between argon and krypton in contrast to the two previous periods 
which only contain 8 elements each. In the subsequent period 
after krypton the O shell begins to grow, although the N shell is 
not yet complete. With the element yttrium the N shell begins to 
fill until with palladium it again contains 18 electrons. This 
development temporarily ceases, although the N shell with 18 
electrons is not yet complete. As in the previous period so with 
the following elements, an expansion of the outer O shell takes 
place until in xenon it contains 8 electrons which gives to it, 
as to all the previous elements wliich have 8 electrons in their 
outer shell, the characteristics of a noble gas. In the sixth period 
we have the same phenomenon as in the previous ones. In the 
first place the P shell starts to grow, but with the third element 
after xenon, namely lanthanum, completion of the O shell begins. 
However, the N shell of the previous period has still not com¬ 
pleted its development of 32 electrons and contains only 18. After 
the start of the growth of the O group with lanthanum this is 
temporarily interrupted, and the development of the N group 
now proceeds to completion, for which 14 electrons are necessary. 
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We thus obtain after barium a series of 15 elements all of which 
have the same electronic structure in their two outer electron 
shells, and these form the group of rare earths. This group, which 
constituted one of the greatest difficulties in the construction of 
a logical periodic system of the elements as long as they were 
arranged in order of atomic weight, fits perfectly into the scheme 
based on the Bohr atomic model. It is obvious that the group of 
rare earths must contain 15 elements all of which are now known 
since the discovery of element 61 (promethium) among the fission 
products of the trans-uranium elements. With lutecium 71 the AT 
shell is finally complete and the next electron, occurring in 
hafnium, now goes into the O shell which develops like the N shell 
of the previous period until it contains 18 electrons. This process 
is complete in the element gold, and now a start is made with the 
development of the penultimate or P shell. Just as in the develop¬ 
ment of the other shells, this is temporarily terminated when it 
contains 8 electrons with the noble gas radon. 

Now a start is made with the Q group and, by analogy with the 
previous periods, we should expect this growth to be interrupted 
whilst the incomplete O and P groups are built up to their full 
number. We cannot go further into the development of the 
periodic table beyond this point, because we soon come to the 
end of the series of known elements. It appears, however, fairly 
certain that the elements following uranium strongly resemble 
thorium, which means that this element marks the beginning of a 
series of ‘rare earths’, the thorides. Presumably the O shell is 
completed in this series. 

The normal valency of these elements is four, bu^whereas the 
first series of rare earths can be tetravalent, here protoactinium 
and uranium are penta- and hexavalent respectively. However, 
hexavalent uranium compounds change easily into tetravalent 
ones and then strongly resemble the thorium compounds. 

In Table II tjie distribution of the electrons in all the atoms in 
the different groups is shown. The periodic system developed from 
Bohr’s atomic theory is of the very greatest importance in chemical 
science because it shows us that the properties of the elements 
depend on their places in the system. We can see immediately 
that chemical valency depends on the number of loosely bound 
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* In series Y—>Pd there are some elements with only one O electron which therefore have an extra N electron. A similar phenomenon occurs with 
Co. ¥4d€h has only one N electron. For further details of these exceptions see Hund, F., *lJniensp€ktren and periodisches System der Elemente\ Berlin, 1927. 









PERIODIC SYSTEM OF THE ELEMENTS 

electrons in the atom. Thus, the alkah metals have one such 
electron whilst the bivalent alkali earth metals have two etc. 
Valency is thus closely connected with the electronic structure 
and provides the foundation for the modern theory of the 
chemical bond, the basis of which is to be found in the inter¬ 
change of the valency electrons. 
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CHAPTER II 


THE CHEMICAL BOND 

4. ENERGY CHANGES IN CHEMICAL REACTIONS 

The only useful kind of atomic model is one which will give us 
information on the forces which act between atoms. Of these 
forces there are in the first place the forces of attraction which 
lead to the formation of molecules, but we know in addition that 
there are also forces which come into play between molecules 
when a gas condenses to a liquid or a solid. In contrast to the 
former ‘chemical forces’, the latter are generally denoted as 
‘cohesion’, or van der Waals forces, named after the man who 
first took them into account. We shall see that a sharp distinction 
cannot be made between these two kinds of forces, and that in 
fact ‘chemical’ forces play a part in condensation, whilst ‘co¬ 
hesion’ forces can also play a part in holding together the atoms 
in a molecule. As well as forces of attraction there must also be 
forces of repulsion, and these come into play when a liquid or a 
solid is compressed. We shall have to return later to consideration 
of these forces of repulsion which are effective when atoms come 
very close together. We shall first consider the role of the forces 
of attraction in the formation of chemical compounds, and what 
data we require to see how and why a compound is formed. 

The formation of a compound between two elements is generally 
associated with the development of heat and the resulting increase 
in kinetic energy of the molecules taking part in the reaction. Let 
us first imagine sodium and chlorine reacting in a space which 
is completely isolated from its surroundings so that no heat can 
enter or leave the system, and the reacting substances can perform 
no external work. It then follows that in such a system total 
energy must remain constant and, since the kinetic energy 
increases during the process, then it follows that the potential 
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energy must decrease. The potential energy is the result of mutual 
attraction of the atoms. It is apparent that if the sum of the 
potential energies of two gram atoms of sodium and one gram 
molecule of chlorine is greater than that of two gram molecules 
of NaCl, the attraction between the Cl and the Na atoms in the 
NaCl is greater than that between the Cl atoms in the chlorine 
and between the Na atoms in the solid sodium. 

We should be able to calculate the potential energy of atoms 
in elements and compounds, once we have determined the magni¬ 
tude of the forces acting between the atoms, and the distance by 
which the atoms are separated from each other in the elements 



and compounds. Such a calculation should be analogous to that 
of the change of potential energy of a body when it moves in the 
direction of the earth, or falls; or, to take another example, to 
that of the change of potential energy which occurs when two 
bodies carrying electrical charges of opposite sign attract each 
other and move from a distance a to a distance b from each other. 
Let us take the second example and carry out the calculation. 
Imagine that we have two spheres with charges and at a 
distance r apart. Then from Coulomb’s law it follows that these 
bodies exert a force on each other equivalent to / = 61,62 If 
the bodies are displaced through a very small distance dr^ suffi¬ 
ciently small for the force to be regarded as constant, then the 
work performed over this distance is f.dr and the change of 
potential energy is —f,dr. If we wish to calculate the change of 
potential energy when the bodies, originally at a distance b from 
each other, come within a distance a, then we must divide the 
distance a —b into a sufficient number of small parts over which 
the work done can be calculated and then added together. To 
obtain the real value when the parts are infinitely small, integral 
calculus is employed and gives the result This 

result has a simpler form when the charges are made equal and 
i = 00. We then find the change of potential energy is 
This is the value when two bodies with charges +e and —e arc 
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brought from an infinite distance to a distance a from each other. 
We can also arrive at this result without the use of integral 
calculus in the following manner. The distance a —b is divided 
into a number of equal parts p. The work over the first part is 
greater than (^1.^2 /^^)P smaller than If 

the part p is not too large, then we can obtain a good approxima¬ 
tion, if the work is put equal to 


a {a —p) a a—p 

and for the second part we find 


and for the third 


^ 1-^2 I 

a-p a-2p 


^1-^2 I ^1-^2 

a- 2 p a- 3 p 

If the values for the work are now added together for all the small 
parts, then we obtain the result and with 

b ^ CO and Ej = —^2 we obtain again —e^/a for the change of 
potential energy. 

There may be forces acting between atoms, the variation of 
which with distance will perhaps not be the same as for the 
Coulomb forces, and as soon as we know how these forces change 
with distance then we can calculate how much energy is released 
when a molecule is formed from two atoms which are at a distance 
a apart in the molecule. We shall then have to investigate what 
these forces are, and how closely the atoms in a molecule can 
approach one another. 

We have considered so far only the energy changes occurring 
in a physical process without any knowledge of the absolute value 
of the energy involved. This is not necessary since only energy 
changes can be measured. We can arbitrarily choose a state 
corresponding to zero energy from which all energy changes are 
measured and in which all the particles are infinitely far apart. 
When the particles attract one another the energy of any other 
State wiU have a negative value. 
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If we find a positive value for the energy of a given system then 
it cannot be a stable one; the particles will either try to separate 
to an infinite distance from one another corresponding to zero 
energy, or they will take up an entirely different configuration 
with negative energy. An example of a system with positive energy 
is that of two particles of equal charge ^ at a distance r, the 
energy being e^/r. 

A linear system of three particles 2 e, —e, ~e at distances of 
a, a and 2 a respectively has an energy 

a 2a a a 

which can decrease further if the order is altered to —e, 2e and 
-e when the energy becomes 

2e^ 2e^ _ 7 e* 

a a 2a 2 a 

5 . INFLUENCE OF TEMPERATURE ON THE 
CHEMICAL BOND 

If we consider the potential energy alone, then we come to the 
conclusion that under all circumstances atoms will combine in 
such a way that the potential energy E is as small as possible. The 
fact that NaCl is formed from Na and Cl is because the Na and 
Cl atoms in the molecule have a smaller value of E than for the 
separate elements. It is, however, noteworthy that there are not 
only processes known which occur with diminution of E or with 
development of heat, but also reactions in which heat is absorbed 
with a consequent increase of potential energy. We can perhaps 
make this somewhat clearer by considering the phenomenon of 
the condensation of a gas to a liquid. It is clear that the molecules 
of a gas attract one another, for it is known that at sufl&ciently 
low temperatures all substances condense to a liquid and finally 
solidify. By this process heat is given out corresponding to the 
latent heats of evaporation and fusion, or to the heat of sublima¬ 
tion when a gas condenses directly to a solid. If we now proceed 
to heat such a condensed gas then the kinetic energy of its 
molecules increases. At low temperatures, however, there are some 
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molecules which as a result of their thermal movement have a 
suflScient velocity to move towards the liquid surface, to overcome 
the attraction of their neighbours and to escape with a certain 
velocity from the liquid itself. In a space above a liquid such 
molecules are always found, and every liquid or solid substance 
at a fixed temperature has a constant vapour pressure resulting 
from the fact that an equilibrium is soon established in which as 
many molecules escape from the substance as return to it. As the 
temperature is increased the molecular velocity becomes greater 
in the liquid, and therefore more molecules escape and the vapour 
pressure increases with temperature. If there is a given quantity of 
liquid at a fixed temperature in a sufficiently big volume then it 
will evaporate completely. 

Let us imagine that a liquid is evaporated in this way, and 
that we proceed to heat the vapour. The mean velocity of the 
molecules in the gas will increase and, as a result of their collisions, 
they will begin to rotate and oscillate; when the oscillations 
increase in intensity the attractive forces between the atoms in the 
molecule will cease to be suflScient to hold it together and it will 
be split into atoms or dissociate. At any given temperature such 
dissociation will be greater, the smaller the attractive forces 
between the atoms in the molecule. Finally, if we raise the 
temperature high enough then all the molecules will dissociate 
into atoms; but this dissociation will depend on the concentration, 
according to the law of Guldberg and Waage, because at high 
concentrations the chance of recombination of atoms is greater 
and the dissociation will be correspondingly reduced. 

If we compare two gases at a given temperature and pressure, 
then the degree of dissociation will give some indication of the 
forces between the atoms or of the potential energy of the mole¬ 
cule. As we have already said, at high temperatures all molecules 
will be completely dissociated into atoms and we know from data 
obtained from stars that at temperatures above 4,000°C practically 
no chemical compounds exist at all. Although we are not in a 
position to study gases under such conditions, we can imagine 
the temperature being increased and ask ourselves what will 
happen to the atoms. As an atom is not indivisible it must break 
up into its constituent parts, and this indeed happens as we know 


18 



INFLUENCE OF TEMPERATURE ON THE CHEMICAL BOND 

that at very high temperatures electrons arc produced from atoms. 
Whilst we cannot heat large quantities of gases to such high 
temperatures we can, by means of electric discharges, bring small 
quantities up to these temperatures. From the study of the 
resulting spectra we know that dissociations into electrons and 
positive ions do occur. As we shall see later, dissociation of the 
atom into ions and electrons plays an important part in the 
formation of chemical compounds. Usually the cohesion between 
molecules is less than that between atoms in the molecules, so that 
if heated sufficiently the latter will first evaporate and then dis¬ 
sociate; but the reverse process can also occur. For example, 
CaCOg and NH4CI decompose on heating into two kinds of 
molecules CaO and CO 2 , and NHg and HCl respectively. In the 
vapour the molecules CaCOg and NH 4 CI as such do not occur 
in any measurable concentration. 

We can at this point give two very well-known examples of 
dissociation of compounds. At one atmosphere, mercury forms 
an oxide below 300°C, but above this temperature the compound 
decomposes, whilst at lower oxygen pressures the decomposition 
temperature is lower. Iodine atoms form iodine molbcules at low 
temperatures, whilst at high temperatures the molecules dis¬ 
sociate into iodine atoms. The fact that at the same temperature 
and pressure chlorine molecules are much less easily dissociated 
than those of iodine shows that the potential energy of the Cl 
atoms in the molecule as compared with the energy of the free 
atoms is lower than that of iodine atoms in iodine molecules. So 
far, in connection with the formation and decomposition of com¬ 
pounds, we have only considered the implications of potential 
energy and temperature, but a complication occurs when, as often 
happens, the reaction velocity between two substances is so small 
that the ideal state is not reached. At—lOO^C HgO should not 
decompose into mercury and oxygen at atmospheric pressure, yet 
no HgO is formed from Hg and Og under these conditions 
because the velocity with which the process proceeds is im¬ 
measurably slow. In order to increase the velocity the temperature 
of the system must be raised. The fact that Hg and Og do not 
react at —1(X)®C but react rapidly at 200°C is not because HgO is 
not stable at low temperatures, but because at sufficiently high 
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temperatures the reaction velocity is such that in a short time 
the chemical combination can take place. 

We can now summarize these examples. Solid substances which 
can always occur at low temperatures can be transferred in different 
ways into other states; mostly the molecules are first dissociated 
from one another; this process happens in evaporation and when 
the solid substance changes directly into vapour it is called 
sublimation. At still higher temperatures the single molecules will 
dissociate into the elements which compose them. This process is 
called chemical dissociation. In exceptional conditions the mole¬ 
cules can undergo a further breaking down into charged particles 
or ions. All these processes are comprised in the following scheme: 

^ free molecules {evaporation) 
elements or different compounds {chemical 
decomposition) 

, , ions {electrolytic dissociation) 

Which of the various processes will occur depends to a large 
extent on the changes in potential energy. The favoured reaction 
will be the one which results in the smallest increase of potential 
energy. 


solid 

liquid 


6. TWO TYPES OF CHEMICAL BONDS DERIVED 
FROM ATOMIC DISTANCES 

We have seen in the previous section that the energy of a chemical 
reaction can be calculated once we know which forces act between 
the atoms, and how close the atoms can approach to one another. 
The fact that the atoms do not coalesce as a result of the forces of 
attraction, but remain at a definite distance from one another, 
shows that there are forces of repulsion acting as well. The Bohr 
atomic model seems to give us immediately some idea why these 
should operate, for at first sight it is to be expected that forces 
of repulsion will come into play as soon as the electron clouds 
come into contact with one another since both clouds have 
negative charges. The explanation, however, cannot be qu|te as 
simple since for noble gases it can be shown that the electronic 
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charge is spherically symmetrical, so each atom behaves as if its 
whole charge is concentrated at the centre and is completely 
compensated by the charge on the nucleus. When, therefore, we 
say that a Na+ ion acts with respect to a Cl~ ion as if it were a point 
charge £, then we have already taken into account the repulsive 
action of the electrons; were it not for these electrons, then it 
would act as a particle with a charge of 11. 

Against the attractive charge of 11 is the repulsive charge of 10 
electrons giving the resultant attractive charge e. We must not 
now proceed to use the electronic charge again to explain the 
repulsion forces between the Na+ and Cb ions. If therefore there 
is a repulsion the cause of it must lie deeper, and in fact it has only 
been possible to give a theoretical explanation of it in a later phase 
of the atomic theory by the application of wave mechanics which 
will not be discussed here. We are, however, concerned with the 
result of this treatment, namely that the forces of repulsion are 
very small so long as the electron clouds are not in contact, but 
that at the moment of contact or actual penetration into one 
another they suddenly increase very rapidly. This result can be 
shown graphically in Figure 1, in which we neglect the small repul¬ 
sion at the greater distance and assume that at actual contact the 
forces do not increase rapidly but suddenly become infinitely great. 

In place of the actual repulsion forces 
as a function of the distance r, which is 
given by line / we represent the repulsion 
by line 2. This method of representation 
only means that we picture the atom as a 
completely hard sphere and the distance 
AS, which is the nearest to which the two 
atoms can approach, is then equal to the 
sum of the radii of the two spheres. Such a 
picture is not strictly accurate, and it would 
be better to re- 

_ gard the atoms 

J fairly hard 

rubber balls, but 
^ the introduction 

of such a refinement would make all the calculations decidedly 
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more complicated and wpuld not markedly affect the end 
result. We will therefore continue with our conception of hard 
spherical atoms, noting that in the Appendix a compressibility 
correction is given. The radii of such hard spheres can be calcu¬ 
lated from the shortest distance to which the atoms can approach 
each other, and very important data regarding such distances can 
be obtained from a study of crystal structure. 

Crystals are obtained when a solid substance is precipitated 
under appropriate conditions from a vapour or solution. It was 
suspected for a long time that the geometrical forms of crystals 
were due to a regular arrangement of atoms or molecules. 
Experimental verification of this idea was provided in 1912 by 
VON Laue who demonstrated that crystals showed interference 
phenomena with x-rays and, further, that it was possible to 
determine the structure of the crystal so accurately that sometimes 
the positions of atoms in the crystal could be given to one part in 
100,000. It thus becomes possible by this method to find the 
distance between the atoms in crystals, and it is important that it 
is not necessary to have well formed crystals for this purpose. 
Nearly all substances are crystalline, even the silver chloride 
flocculent precipitate which is obtained when Cl and Ag ions are 
brought together. 

Later it became possible with the help of x-rays to determine 
the structure of molecules in gases and liquids as well, and here 
again interference phenomena are used from which the positions 
of atoms in the molecule can be determined. Such structures 
are, however, more difficult to resolve than those of crystals; but 
the technique has been greatly developed in the last ten years and 
instead of x-rays electron beams have been used which produce 
similar phenomena but are in practice easier to control. The 
present position is that the distances between atoms in compounds 
can be determined in the gaseous as well as the solid state. In our 
first simple picture of atoms as hard spheres the shortest distance 
between any two identical atoms will be equal to their diameter, 
and half this distance will be the atomic radius. In fact, in any 
compound AB where the atoms can again be regarded as hard 
spheres, the distance between A and B will be and this is 

true in many actual cases. We can then determine the atomic 
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radii for a number of elements and, with the help of the values so 
obtained, calculate the distance between them in a compound of 
any two of these elements. Table III which follows contains a 
number of calculated atomic distances together with experiment¬ 
ally determined values and, as can be seen from this particular 
group of compounds, the agreement is sufficiently good to justify 

this approach. 

We will now proceed to 
consider an important group 
of compounds, namely the 
halides of the alkali metals. 
Assuming that the atoms 
behave as completely hard 
spheres, then we would ex¬ 
pect that the shortest dis¬ 
tance between two atoms in 
a crystal of NaCl will be 
equal to the sum of the radii 
of the Cl and Na atoms. The 
radius of the Na atom could 
then be found from the 
shortest distance between 
two atoms in a Na crystal. 
If, however, we proceed in 
this way to calculate the 
distances in the alkali hal¬ 
ides we find big discrepan¬ 
cies from the experimental 
values. In fact, the shortest distance between Na and Cl atoms in 
NaCl is not equal to the sum of the atomic radii of the elements, 
and Table IV gives the experimentally determined shortest 
distances in these compounds. 

We see at once that there is a fairly constant difference between 
the distances of the corresponding Li and Na, Na and K salts etc 
and equally a fairly constant difference between all the chlorides 
and the bromides, and between the fluorides and the iodides etc. 
These constant differences show that the atoms of which the alkali 
halides are composed again behave approximately as hard spheres, 


Table III 


Compound 

Radius X 10® 
calculated 

Radius X 10® 
observed 

eSa 

1-62 

1-54 

CO 2 

1-24 

M3 

CF. 

1-50 

1-36 

CCI 4 

1-76 

1-755 

CBr 4 

1-91 

1-93 

SiCl. 

203 

2-00 

SnCl* 

2-39 

2-30 

ICl 

2-33 

2-30 

C1*0 

1-65 

1-68 

SOa 

1-52 

1-45 

PCI 3 

2-09 

2-00 

AsClj 

2-20 

2-16 . 

CIO 3 

1-47 

1-53 

TeBr 2 

j 2-51 

2-49 
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but that these new spheres appear to have dilBferent dimensions 
from those of the elements; they are in fact in a different state. If 
we assume, however, that the elements are composed of atoms 
then we must assume another state of affairs for the alkali halides. 


Table IV, Shortest Atomic Distances in the Alkali Halides 



F 

''ci —''f 

Cl 

'-Bv-'-Cl 

Br 


I 

Li 

2-02 

0-55 

2-57 

0-17 

2-74 

0-26 

3 00 

''Na —''Li 

0-29 


0-24 


0-24 


0-23 

Na 

2-31 

0-50 

2-81 

017 

2-98 

0-25 

3-23 

'"k —''Na 

0-36 


0-33 


0-31 


029 

K 

2-67 

0-47 

3-14 

0-15 

3-29 

0-23 

3-52 

'"Rb — K 

0-14 


0-15 


0-14 


014 

Rb 

2-81 

0-48 

3-29 

014 

3-43 

0-23 

3-66 

'’C, -''Rb 

0-20 


0-27 


0-28 


0-29 

Cs 

3-01 

0-55 

3-56 

0-15 

3-71 

0-24 

3-95 


At this point we introduce a new hypothesis due in the first 
place to Lewis and later to Kossel, who put forward the theory 
that these compounds are not composed of atoms but of ions, 
and we will now examine the implications of this theory. The 
determination of atomic distances in molecules and crystals leads 
to the very important result that there are apparently two kinds 
of chemical compounds, one in which the sizes of the atoms are 
nearly equal to those which they have when they occur in the 
element, and the other in which the dimensions are quite different. 
In the first kind the state of the atoms in the compound is sup¬ 
posedly not essentially different from that in the element, and the 
chemical link between C and Cl in CCI4 is of the same kind as that 
between the other atoms in elementary carbon, and between the 
Cl atoms in the molecule Clg. In a compound of the second kind, 
NaCl for example, the bond is different from that between Na 
atoms in metallic Na, and Cl atoms in a molecule of CI 2 . We have 
already seen and we shall show again later that there is every 
reason to assume that the atoms in NaCl are present as ions. Both 
constituents in the compound have different charges, and a 
chemical bond of this kind is called a heteropolar bond, or equally 
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well an ionic or electrostatic bond. In compounds of the other 
kind we have no reason to assume different charges for the 
constituent parts of the molecule, which would lead to CI 2 having 
one atom negative and the other positive, and would give a 
somewhat artificial picture. We shall see later that the atoms in 
Cl 2 do not have different charges, and we call such bond a 
homopolar or atomic bond. 

The simple theory of the heteropolar bond was developed 
rapidly in contrast to the theory of the homopolar bond where 
great difficulties were encountered. Nevertheless, in the last ten 
years important advances have been made, but the enormous 
mathematical difficulties have resulted in the strict theory being 
applied only to the simplest examples of chemical combination. 
The theory of the heteropolar bond has no difficulties of a 
mathematical kind and in consequence can be used for more 
complicated compounds; in the following pages this theory will 
be treated first and thereafter a very elementary schematic 
presentation of the theory of the homopolar bond will be given. 
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CHAPTER III 


THE IONIC BOND 

7. THE THEORY OF KOSSEL 


In order to explain the electrical conductivity of aqueous solutions 
of inorganic salts and their effect on the freezing and boiling 
points of water, Arrhenius assumed that the molecules must be 
dissociated into electrically charged particles to which he gave 
the name ions. For all compounds of alkali and alkaline earth 
atoms we can say that they are present in compounds as ions, 
and the same is true for nearly all compounds of the halogens. 
Fluorine, chlorine, bromine and iodine occur in solutions almost 
exclusively as negative ions with single charges and, from the 
mutual distances apart of the atoms, it appears that in solid NaCl 
the state of the Cl atoms is different from that in the Cl^ molecule, 
so that it appears probable that the Cl atoms in solid salt are also 
present as ions. Kossel was the first to show that a great number 
of the properties of chemical compounds can be easily explained 
if we assume that crystals and molecules of simple inorganic 
compounds are composed of ions in which the electrical attrac¬ 
tions of positively charged ions supply the forces which hold 
together the atoms in such molecules and crystals. Before we 
proceed to use these ideas to explain the properties of compounds 
we must first deal with the following difiSculty. 

At first sight it appears inexplicable that two charged particles, 
ions, do not discharge when they come in contact. This difficulty 
arises, however, when we apply the properties of macroscopic 
bodies to atoms without further qualification. Although two 
oppositely charged metal spheres will discharge when brought 
into contact if the charges are equal, it by no means follows that 
two ions with equal and opposite charges will behave in the same 
way, and from the behaviour of solutions of electrolytes we know 
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that this does not occur. Two charged ions brought into contact 
with each other need not necessarily discharge, and it will be seen 
later that the total potential energy of a Cl atom and a Na atom 
at the shortest distance of separation is greater than that of a 
Na+ ion and a Cl“ ion, also at the shortest distance from each 
other. Thus if we bring a Na atom and a Cl atom close to each 
other, the charge of the Na atom will go over to the Cl atom, 
thereby forming two ions because the potential energy decreases 
in such a process. It is a well-known phenomenon that uncharged 
macroscopic bodies in contact with each other become charged. 
Two metals in an electrolyte solution will show a potential differ¬ 
ence, and they must therefore have exchanged charges. Also, the 
occurrence of electrical charges when a rod of ebonite is rubbed 
with fur shows that charged bodies do not discharge under all 
circumstances, but that the reverse process can also take place. 
There is therefore no objection to assuming that ions can exist 
in contact with one another without a discharge taking place. 

In aqueous solutions the following negative ions are known: 
F”, Cr, Br~, I", S^“, Se^"", in which the first four have a charge 
of unity and the other two a charge of two. At first electricity was 
only known in the form of electrons, but subsequently it was 
discovered that, in addition to electrons, positrons also exist. 
As positrons do not occur under the conditions in which chemical 
reactions are carried out, an atom can only acquire a negative 
charge by taking up electrons. The ions F“, Cl~, Br“, and 1“ all 
contain one electron more than the free atoms of these elements; 
that is to say they have just as many electrons as the atoms of the 
elements known as noble gases, which follow the halogens in the 
periodic system. 

Sulphur and selenium, both of which form bivalent ions, possess 
two more electrons in the ionic than in the atomic state, and 
consequently have just the same number of electrons as the 
elements which occur two places farther along in the periodic 
system, where we find the noble gases argon and krypton. It thus 
appears that when negative ions are formed, the atoms take up 
sufficient electrons to correspond *to the number in the succeeding 
noble gas. This phenomenon must be due to the fact that the 
structure of a noble gas is very stable, which is not surprising when 
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we remember the high ionization potentials of these gases and 
the large amount of energy needed to break up their electronic 
configuration. 

Other atoms, which do not have this stable structure, tend to 
change their number of electrons in such a way that the ion can 
take up the electronic structure of a noble gas, and therefore it is 
not fortuitous that all simple negative ions have this particular 
structure. The electrons which are taken up by the negative ions 
must have been removed from other atoms so that positive ions 
are formed simultaneously with negative ones. 

Far more positive than negative ions are formed in aqueous 
solution. All alkali metals have a single positive charge, that is 
they lose one electron per atom and in the ionic state have the 
same number of electrons as are possessed by the preceding noble 
gas. Mg, Ca, Sr, Ba and the less well-known element Be form 
positive bivalent ions. From each of these, two electrons are lost 
and the ion formed will again have the same number of electrons 
as the preceding noble gas. This is also true for aluminium which 
forms tervalent ions, and for Zr and Th which form tetravalent 
ions. Further, in those instances where free ions are not known, 
as for example in boron, we assume that the ions are present in 
the molecule as a result of the atom losing a sufficient number of 
electrons to give it a noble gas structure. It now becomes possible 
to foretell the combinations in which the elements will occur. 
Silicon occurs four places after neon and in consequence possesses 
four electrons more than neon; it can thus form tetravalent ions 
when it reacts with an element that can take up electrons, as for 
example F or Cl. Four F ions can accept the four electrons from 
the silicon atom, and thus silicon and fluorine give a Si^+ ion and 
four monovalent F” ions which together can give the neutral com¬ 
bination SiF 4 . The same method of approach leads us to expect 
the formation of compounds PF 5 and SF®. In the latter the S ion 
has six positive charges and the F ions one negative charge 
each, so that we can write the formula as Fj. 

But sulphur not only forms positive ions as may be readily 
understood from its position in the periodic system where it occurs 
two places before or six places after a noble gas; it also forms 
bivalent negative ions as in K 2 S. We must expect the general rule 
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that in principle all elements can form both positive and negative 
ions. However, only some of the combinations which can be 
written down in this manner will occur as molecules because, as 
we have seen in section 4, a compound will only be formed if 
the potential energy decreases in the process and this only occurs 
when ions of fairly low valency are formed. We know of no com¬ 
pounds containing positive ions with a valency of ten; the valency 
of negative ions is certainly never greater than four and it is there¬ 
fore quite easy to see why this limits the number of compounds 
theoretically possible. 


8. LIMITED VALENCY OF IONS 

Let us suppose that a molecule of NaCl is formed from free atoms 
of Na and Cl. We can imagine a process in which an electron is 
first removed from a Na atom and is then transferred to the Cl 
atom, and the two ions so formed allowed to approach each other 
to within a distance given by the sum of their radii. The potential 
energy of the system will change in such a process and can be 
readily calculated. Such a process is in a sense fictitious insofar 
as it cannot be carried out physically, but this is immaterial for 
the purpose of calculating the total energy change because, from 
the law of conservation of energy or the law of Hess as it is called 
when applied to c&emical processes, it follows that the total change 
of potential energy is independent of the way in which the process 
is carried out, being a function only of the initial and final states. 
The total change of potential energy will then be equal to the sum 
of the energy required to form a Na ion from a Na atom, plus the 
value for transferring the electron to the Cl atom, together with the 
energy released when the ions approach to within a distance rNa+''ci 
from one another. The energy for the removal of the electron 
from the Na atom is the ionization energy (see Table VI) and the 
energy of the system is thereby increased by an amount +/Na- 
In transferring the electron to the Cl atom an amount of energy, 
the electron aflBnity Eqi, is given out. This we can easily under¬ 
stand if we consider that the uncharged Cl atom is attracted by 
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the charge of the electron as a result of electrical induction in 
the same way as an uncharged pith ball is attracted by a charged 
one. Besides this induction energy, the union of the electron with 
the Cl atom will also result in the release of a much larger amount 
of energy since the outer electron shell of the Cl will now have 
the stable noble gas structure. The total energy change is therefore 
/jsja '-Eci- the ions approach to within the distance f'ci* 

the energy released will be ^^/(/*Na+rci). The total energy change 
is therefore /^a —Eci '“^^/('‘Na+'‘ci) l^he process will result 
in the formation of a molecule NaCl if this quantity is negative, 
that is when eV(rNa+''ci) > 

Now it was shown in section 2 how very rapidly the energy 
rises in order to remove subsequent electrons from an atom. The 
ionization energy for highly charged positive ions rises so 
steeply that it outweighs the increased energy released when the 
ions combine. In consequence, compounds with highly charged 
positive ions are not formed; iron occurring as it does eight places 
after a noble gas forms no compound FeClg. A positive ion with a 
valency of eight is very rare and higher valencies never occur at all. 
The valency of negative ions is also limited, because the electron 
affinity which is positive for the first electron becomes negative 
for subsequent ones (section 10) and still more so for the higher 
valencies. As a result, tervalent negative ions are seldom en¬ 
countered and higher negative valencies practically never. It has 
already been noted that single negative ions always have a noble 
gas structure; this arises from the fact that the energy decrease 
in the formation of negative ions is largely the result of the 
formation of the noble gas structure. 

The position is different for positive ions, since here a number of 
loosely bound electrons are removed until the noble gas structure 
is reached, and for further electron removal very large energies 
are required. It does not follow that the removal of electrons will 
proceed to the point of a noble gas structure since the latter 
represents only a limit to the valency and does not determine 
it as it does for negative ions. Iron, occurring 8 places after a 
noble gas, does not have a valency of 8 but is bivalent in ferro, 
tervalent in ferri compounds, and hexavalent in the ferrates, 
as for example in BaFe 04 . 
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Cobalt, as a result of its place in the periodic system, should 
have a valency of 9. It is, however, mostly divalent or tervalent 
and occasionally tetravalent. Phosphorus can be tervalent as 
well as pentavalent; sulphur is hexavalent in SO 3 and tetravalent 
in SO 2 . At low temperatures the valency is such that the energy 
is a minimum, and which compounds will be formed can only 
be predicted when the energy can be calculated accurately. 

The reason for the formation of chemical compounds is there¬ 
fore essentially the formation of negative ions, and only secon¬ 
darily that of positive ones. From what has been said it follows 
that the elements in the long periods, where they occur more than 8 
places past a noble gas, can never show ‘normal’ valencies in the 
sense that they will lose sufficient electrons to give the structure 
of the preceding noble gas. In the so-called transition metals in 
the periodic system we have a series of elements in which the 
valency rises from 1 to 7, as for example in the fourth period 

Cu, Zn, Ga, Ge, As, Se, Br 
or in the fifth period 

Ag, Cd, In, Sn, Sb, Te, I 

in which bromine never has a valency of 7 although iodine does. 

If now we look at the distribution of electrons in these atoms 
among the different shells, we see that the electronic structures 
show some similarities with those of the elements at the beginning 
of the long periods in that there are 1, 2, and 3 isolated electrons 
in the outer shells. The difference between Cu, Zn and Ga on 
the one hand and K, Ca and Sc on the other is that in the latter 
group of atoms the shell next to the outer one has 8 electrons, but 
in the former 18 electrons. This group of 18 electrons, like the 
8 -electron structure of the noble gases, has a high stability. 
Electrons can be removed easily as long as the 18-electron 
structure is not disturbed, but if more are removed then a large 
energy is required. The 18-electron structure puts a limit on the 
removal of electrons, but not such a sharp limit as does the noble 
gas structure. Exceptions do occur in that Cu forms not only the 
Cu+ ion, which is to be expected, but also the Cu^+ ion, and gold 
also forms tervalent ions Au^'*’. A further difference between the 
two structures is that the 18-electron structure is never reached 
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by the taking up of electrons so that negative ions with such a 
structure are unknown. The elements which form ions with 
18-electron structure are called elements of the subgroups. Ions 
with 18-electron structure are to be expected in the fourth, fifth 
and sixth periods beginning with Cu, Ag and Au, and ending with 
the heptavalent positive halogen ions. However, the Br'^*^ ion is 
unknown and accurate calculations of energies would be required 
to explain such instances. For further details of electronic con¬ 
figurations the Appendix should be consulted. 

For a detailed calculation of the energy of a heteropolar com¬ 
pound, the following data are necessary: 

1 Ionization energy 

2 Electron affinity 

3 The distance by which the ions are separated from one 
another, which will be equal to the sum of the ionic radii 
when the ions can be regarded as hard spheres. 

9. IONIC RADII 

We can calculate atomic radii by measuring the shortest distance 
between two atoms in a molecule or a crystal, and in the same 
way we can determine ionic radii by measuring the shortest 
distance between two ions, which can be done with the aid of 
x-rays or electron diffraction. We make the same assumption as 
for the determination of atomic radii, namely that the ions can 
be regarded as hard spheres which will have the same radius in 
whatever compound they occur provided they have the same 
charge. The positive ion S®'*' in SFe will not have the same radius 
as the negative ion in NagS because the sulphur is in different 
states in the two compounds. Corresponding to each valency, an 
ion will have a certain ionic radius and it is easy to see that with 
increasing positive charge the radius of the ion must decrease. 
The S®"*" ion has the same nucleus as the S^"", with a charge of 16, 
but the S has lost 6 electrons whilst the has taken up 2. Thus 
in 10 electrons are attracted by a nuclear charge of 16, whilst 

in the same charge attracts 18 electrons and, because in the 

negative ion the mutual repulsion of the electrons is much greater, 
they will be farther from the nucleus, and the electron cloud is 
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consequently larger in than in S®”*", which means it will have 
a larger ionic radius. 

Without further data it should thus be possible to make some 
predictions regarding sizes of ions, and for this purpose we will 
confine our attention to ions with noble gas structures. In any 
period the radii of the ions must decrease with increasing positive 
charge, as in the following series 

Na+, Mg2+ AP+, Si^+, S®+, CF+ 

where these ions all have the same number of electrons as the 
neon atom, and the same will hold for the negative ions of the 
previous period N®“, 0^“, F””. From to the nuclear charge 
rises from 7 to 17 resulting in a steady contraction of the electron 
cloud, or in other words a contraction of the ionic radius. Now 
let us compare the ions in a column of the system, for example, 
the alkali metals 

Li+, Na+ K+, Rb+, Cs+ 

or the halogens 

F- Cl- Br- I- 

Proceeding down the column the number of electrons increases, 
and therefore it is to be expected that as a result of the increasing 
mutual repulsion of the electrons the electron clouds will increase 
in size. We may therefore expect the following rules to hold: 

1 For the same structure, that is to say for an equal number of 
electrons, negative ions will be considerably larger than 
positive; 

2 The ionic radius will decrease from left to right in a period 
for positive ions of equivalent structure; 

i In a column for ions of equal charge the radius will increase 
as we proceed downwards; 

4 If positive ions of an element with different charges are 
known, then the ionic radius decreases with increasing 
positive charge; 

5 The largest ion that any element can form is the negative one. 

In Table IV the shortest distances in the alkali halides were 

given and the differences between two subsequent compounds! 
If the ions could be regarded as completely hard spheres then the 
difference should be the same, independent of the combined 
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halogen, between a Li+ and a Na+, a Na+ and a K+, or a K+ and 
a Rb+ compound, and furthermore the difference between a 
fluoride and a chloride should be independent of the metal. In 
fact, the differences are not quite constant, but the deviations are 
sufficiently small to be neglected in the first rough approximation. 

If we could determine the ionic radius of one single element, 
then the values for the other elements are known. If we assume 
that the radius of the chlorine atom is 1-81 A, then from the 
shortest distance between two particles in KCl, for which the 
value 3-14A has been found, the radius of K is 1-33A, and 
similarly from the shortest distance in KBr is obtained the radius 
of bromine, and so on. The determination of the single radius is 
made in the following manner. 

All alkali halides except the salts CsCl, CsBr and Csl have 

the same structure 


mm 


mm 


as NaCl, see Fig- 
ure 8, in which 
particle is 
surrounded by six 
others with op- 
posite charges. If 
o b the particles are of 

Figure 2 the same size, as 

they are in KF, 

then the K ion will only be in contact with the six surrounding 
F ions, Figure 2a; but if we now replace the F ion by a much larger 
ion, say an iodine ion, and the by the smaller Li+ then, as Fig¬ 
ure 2b shows, the I~ particles will be in contact with one another. 
If the distance between the iodine ions is now determined directly 
by x-ray analysis, then half this distance is the radius of the iodine 
ion. With the help of this value all the other radii can be calculated. 

From measurements of the shortest distances in crystals of a 
very large number of compounds, Goldschmidt has constructed 
a table for all noble gas ions. Pauling also determined ionic 
radii by measuring the shortest distance in certain compounds, 
and from these calculated the values for other compounds con¬ 
taining ions of the same structure; and the results of these two 
independent investigations show very good agreement. In Table V 
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are the values of ionic radii, determined by Pauling, for noble 
gas ions and for ions with 18-electron structure, the so-called 
subgroup ions. The table confirms the predictions we made as to 
the changes of the ionic radii in the rows and columns of the 
periodic system. The radii of ions which possess neither noble gas 
nor 18-electron structures cannot be calculated by Pauling’s 
method, and only the method of Goldschmidt can be used. 


Table V, Ionic Radii in A according to Pauling 




H" 

Li+ 

Be*+ 

B*+ 

C4+ 

N«+ 

06+ 

F7+ 



2-08 

0-60 

0-31 

0-20 

0-15 

Oil 

009 

007 

N»- 


F" 

Na+ 

Mg*+ 

AP+ 

Si^+ 

p6+ 

S6+ 

CF+ 

1-71 

1'40 

1-36 

0-95 

065 

0-50 

0-41 

0-34 

0-29 

026 

p3- 

S2- 

Cl" 

K+ 

Ca*+ 

Sc*+ 

Ti4+ 

Y5+ 

Cr«+ 

Mn’^- 

2-12 

1-84 

1-81 

1-33 

0-99 

0-81 

0-68 

0-59 

0-52 

046 




Cu+ 

Zn*+ 

Ga*+ Ge*+ 

As*+ 

Se«+ 

Br’+ 




0-96 

0-74 

0-62 

053 

0-47 

0-42 

0-39 

As*" 

Se*- 

Br" 

Rb+ 

Sr*+ 

Y3+ 

Zr^+ 

Nb*+ 

Mo«+ 


2-22 

1-98 

1-95 

1-48 

M3 

0-93 

0-80 

0-70 

0-62 





Ag+ 

Cd*+ 

In*+ 

Sn^+ 

Sbo^ 

Te«+ 

r+ 




1-26 

0-97 

0-81 

0-71 

0-62 

0-56 

0-50 

Sb*- 

Te*- 

I" 

Cs+ 

Ba*+ 

La*+ Ce<+ 




2-45 

2-21 

2-16 

1-69 

1-35 

M5 

10) 







Au+ 

Hg*+ 

Tl*+ 

Pb^+ 

Bi«+ 






1-37 

MO 

0-95 

0-84 

0-74 




Ionic Radii in A of Ions with Abnormal Valencies 


NH 4 + 

148 

Mn*+ 

0-80 

Ti®+ 

0-69 

T1+ 

1-44 

Be*+ 

0-75 

Y3+ 

0-66 



Co*+ 

0-72 

Cr*+ 

0-64 



Ni*+ 

0-70 

Mn»+ 

0-62 


Table V above also gives values for a number of frequently 
occurring ions with abnormal valencies which are less reliable 
than the others. 
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10. IONIZATION ENERGY AND ELECTRON 
AFFINITY 


Table VI. Ionization Energies in kcal 


He 

Ne 

At 

Kr 

Xe 

Rn 

563 

494 

361 

322 

278 

246 


Li 

Na 

K 

Rb 

Cs 


123 

118 

99 

96 

89 

— 

1,731 

1,083 

728 

628 

538 

— 


Be 

Mg 

Ca 

Sr 

Ba 

Ra 

213 

175 

140 

130 

119 

121 

417 

344 

272 

252 

229 

232 

3,519 

1,834 

1,171 

974 

816 

— 


B 

A1 

Sc 

Y 

La 

— 

190 

137 

154 

149 

129 

— 

575 

431 

294 

283 

262 

— 

868 

651 

566 

469 

439 

— 

5,935 

2,746 

1,709 

— 

— 

— 


Cu 

Ag 

Au 

177 

173 

211 

464 

504 

283? 


673 

1 

— 

Zn 

Cd 

Hg 

215 

206 

239 

411 

387 

429 

908 1 

874 

966 

Ga 

In 

T1 

137 

132 

140 

470 

1 432 

467 

704 

642 

683 

1,467 

1,329 

— 
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In Table VI are the values of ionization energies which, together 
with the values of ionic radii and electron aflSnities, make it 
possible to calculate the energy changes which occur in the 
formation of ionic molecules, and to determine which ionic 
compounds of two elements can exist. We can immediately 
deduce important qualitative results from the table of ionization 
energies; for every element there is an enormous rise in ionization 
energy when an electron is removed from an electron shell with a 
noble gas structure, and a smaller rise for the removal of one from 
a shell of eighteen electrons. This explains why ions are never 
formed in chemical processes if by so doing a noble gas structure 
is disturbed, and the disturbance of the 18-electron structure is 
limited to a few elements, namely Cu, Au and Ag. The table 
also shows how the energy for the removal of each succeeding 
electron rises and, roughly speaking, twice as much energy is 
required for the removal of the second valency electron as for the 
first. This is associated, as we saw earlier, with the instability of 
very highly charged ions. 

If we compare the ionization energies of elements in a single 
column, then we notice that the values decrease as we proceed 
downwards, at any rate in the first six columns; this is explained 
simply when we remember that the ionic radii steadily increase 
down the columns. For the same structure an atom will have a 
smaller ionization energy the larger its radius. A substantial part 
of the ionization energy goes to overcoming the Coulomb forces 
between the ion and the electron which is being removed; and the 
farther the electron is initially from the nucleus the smaller is 
this attraction, and the smaller therefore the ionization energy. 
The decrease of the ionization energy with increasing radius would 
lead us to suppose that the compound will have a smaller energy 
and thus be more stable the larger the radius of the positive ion, 
and in fact we shall find this to be so. 

For elements in the subgroups the situation is somewhat differ¬ 
ent since the ionization energy sometimes rises as we go down the 
column. The large values for the elements Ag, Au and Hg lead 
to a lowering of the heat of formation, and therefore to a lower 
stability of the compounds from these elements. Those elements 
which only form unstable compounds with difficulty have been 
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given the name of noble metals. It is a striking fact that the other 
elements of the subgroups also have high ionization energies giving 
them their special properties which will be described later. 

The determination of electron affinity is much more difficult 
than that of ionization energy and cannot be found from spectral 
data; but we shall not discuss how such determinations are made, 
merely noting that one method is from the study of a change of 
equilibrium with temperature 

1 + e^i- 


at high temperatures, from which the heat of reaction, which here 
is the electron affinity, can be found. 

Now as the ionic radii in the series F"*, Cl", Br", I" increase, 
the decrease of the electron affinity in this order is not unexpected. 
Hydrogen also has a positive electron affinity, and as an element 
occurring before the gas helium it should be regarded as a 
halogen. Hydrogen has a lower electron affinity value than that 
of the other halogens, which is understandable when we consider 
that after taking up one electron the nucleus with the charge of 
one now has two electrons associated with it, so that in the H" 
ion the negative charge of the atom is doubled whilst for the F" 
ion it is only increased by one ninth. 

In order to form negative ions with higher valencies more than 
one electron must be added to the atom. The second and third 


electrons are repelled by those already there and in consequence 
energy must be expended to attach them. The total energy 

necessary for the formation of the 


Table VII 

Electron Affinities in kcal 


ions 0^“, is given in Table VIL 
The expression ‘electron affinity’ is 
actually superfluous since in place of 



the expression ‘electron affinity of the 
chlorine atom’ we could equally well 
use the nomenclature ‘ionization 
energy of the Cl" ion’ with the 
opposite sign; in fact the energy 
which is given out when an electron 


is added to a Cl atom is equal to the 


energy which is required to remove an electron from a Cb ion. 
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When a ion takes up an electron, the energy which is released 
can be called the electron affinity of the H+ ion; the process, 
however, is never described in this manner and we refer instead 
to the ‘ionization energy of the H atom being released’. 


D 
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CHAPTER IV 


PROPERTIES OF IONIC COMPOUNDS 


11. STRUCTURE, OF MOLECULES 


Let us suppose that fluorine reacts with a number of elements, 
for example those in the third period Na, Mg, Al, Si, P and S 
thereby forming the molecules NaF, MgFg, AlFg, SiF 4 , PFg and 
SFg. In MgFj there are two F ions, both of which are attracted 
by the Mg ion, but which repel each other, so that they will take 
up positions in which their potential energy is as small as possible. 
This will occur when they are as far as possible from each other; 
they will therefore lie on either side of the Mg ion. The resulting 
structure of the molecule MgF^ is shown in Figure 3a. Similarly 

the three F ions in the molecule AlFg 
will arrange themselves at the comers 
( “ )( + + )( ~ J of an equilateral triangle. Figure 3b. In 
''—the SiFg molecule the four F ions will 
° again take up positions in which they 

are as far from one another as is geo- 
^ N ^ \ metrically possible. For this to occur 

I ~ ~ y they will not be at the corners of a 

' square, but arranged in space at the 

comers of a regular tetrahedron with 
( the silicon ion in the centre. If r is the 

y / sum of the radii of the F~ and Si^+ then 

the distance between the two fluorine 
Figures atoms in a square would be '\/2r = 

l-41r, whilst in a tetrahedron it is 
2 \/6r/3 = l-63r. It is interesting to find that the idea that 
inorganic molecules are built up of ions should lead to the con¬ 
clusion that in a molecule XY* the four Y ions are arranged in 
the form of a regular tetrahedron, which was first pointed out 
by VAN’t Hotf as a structural feature in organic chemistry. 
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Let US now consider how the negative ions will be arranged 
in a molecule of the type XY 5 , for example PFg, so that they are 
again as far away from one another as possible. The structure 
will then be a three-sided bipyramid with the P ion in the middle, 
whilst in the molecule XYg, as SF«, the structure will be a regular 
octahedron. The structure of molecules of the type XY7, which 
seldom occurs, is not known. Theoretically, the eight negative 
ions in a molecule of the type XYg, as OsFg, should not occupy 
the corners of a cube. The actual structure is found by rotating 
one face of the cube through 45° about its mid-point, which results 
in the negative ions being somewhat farther away from one 
another. The figure obtained in this way is the so-called Archi¬ 
medes antiprism. From electron diffraction studies it appears 
fairly certain that OsFg has this structure. 

In molecules with bivalent negative ions other types X 2 O 3 , for 
example B 2 O 3 or AI 2 O 3 , can occur. In these the molecule must 
have a shape such that the positive ions are as close as possible 
to the negative, and the negative ions as far as possible from each 
other. This is so in a trigonal bipyramid in which the three O ions 
lie in an equilateral triangle in the plane of the meridian and the 
two A1 ions lie at the apices of the bipyramid. 

It is apparent that only the shapes of simpler molecules can be 
derived by this method. For a molecule such as CI 2 O 7 , a number 
of different structures can be postulated, of which one will have 
the smallest potential energy. This can be found by calculation 
for the different forms. As an example of such a calculation we 
will take a molecule of the type XY3, say AICI3. If (x+y) is the 
distance between the ions X and Y, then the distance between 
the two Y ions is By introduction of the first ion the 

amount of energy released is 3e.el{x+y). When the second Y ion 
approaches, it is repelled by the first and, since it comes to 
within a distance \/3(x+y) of the latter, the energy required is 
e,el^/3{x+y), so that the total gain in energy by bringing up the 
second Y ion is 3e^l{x+y) --^^l\/3(x+y). 

By the introduction of the third ion, which is repelled by both 
Y ions, the total energy released in the process is therefore 
3e^/{x+y) —2e^l'\/3(x+y). Therefore the total energy which 
is released in the formation of the molecule from the ions is 
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9 e‘^/(x+.v) —3e^l\/3(x+y) in which the first term corresponds 
to the attraction of the three Y ions by the central ion, and the 
second term to the mutual repulsion of the three Y ions, the first 
term being the larger. 

For a molecule XY 3 the expression 

{9e^l(x+y)-^3e^lVHx+y)} 

gives the amount by which the energy is reduced, if the ions are 
initially an infinite distance apart. If the energy corresponding 
to this state is £«, then the potential energy of the molecule is 
known in terms of Eao- It was shown in section 4 that this constant 
can be put equal to zero. Then the potential energy of the molecule 
becomes negative and, per gram mol XY 3 , is 

-^9 -^3)Ne^l(x+y) 

where N is Avogadro’s number. As a second example let us 
calculate the energy of a molecule XY 4 , for the planar and 
tetrahedral models. The term due to attraction in both is equal 
to 4(4^.e)/(x+y). The term due to repulsion can be found 
simply in the following way. Between the four Y ions we can 
draw six lines joining them together, and there are therefore six 
repulsion terms corresponding to these. In the planar model four 
of these lines have a length y^2{x+y\ two 2(x+y)y while in the 
tetrahedral model all six lines have length 2\/6(x+y)/3, We 
therefore find per gram mol XY 4 : 

= (16 -3^/6|2) 


^pUaie 




e,e 


e.e 


x+y " (^+j) " 2 {JC+;^)) 


A A 

4—-4 


-iV—(16-2V2-1) 
x+y 


-12-39 JV- 




^plane 


-12-18JV- 


x+y 


from which it follows that the tetrahedral model has the lowest 
energy content and is therefore the stable one. 
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Structures calculated in this manner have been confirmed by 
x-ray and electron diffraction studies, and the compounds 
CO2, CS2, COS, HgCl2, HgBrg, TeCl2 have been found to have 
linear structures. In BCI3, BBrg and SOg the three negative ions 
lie in an equilateral triangle; whilst in CCI4, CBr 4 , SiF 4 , SiCl 4 , 
SnBr 4 and TiCl 4 they form tetrahedra. In PF 5 the five F ions form 
a trigonal bipyramid, whilst in SFg, SeFg and TeFg the six F ions 
are arranged in an octahedron. There are, however, various 
molecules which have less symmetrical shapes. Thus none of the 
molecules HgO, H2S, ClgO, SO2, CIO2 and NO2 is linear, while 
NHs, PH3, PFs, PCI3, ASF3 and ASCI3 have the shape of a 
trigonal pyramid, so that the positive ion is not in the same plane 
as the negative. We shall consider at a later stage some molecules 
in which the lower symmetry is partly caused by electrical in¬ 
duction effects, section 35: in others, however, such structures 
indicate that they are not true ionic compounds. It is to be 
noted that apart from hydrogen compounds all these molecules, 
if they are ionic in character, contain an ion with a non-noble 
gas structure. 


12. VOLATILITY 

SHIELDED AND NON-SHIELDED COMPOUNDS 

If we compare two chlorides, NaCl and CCI4*, we see that the 
properties of these compounds are so different that we are 
forced to the conclusion that they must have entirely different 
structures. NaCl is a solid easily soluble in water in which it 
dissociates into ions, but is insoluble in organic solvents. It is a 
good electrical conductor in aqueous solutions and in the molten 
state. It is very involatile, with a boiling point above 1,400®C, and 
it does not dissociate into its elements when heated. Carbon 
tetrachloride on the other hand is a volatile liquid boiling at 76°C, 
insoluble in water but soluble in a number of organic solvents. 

* Carbon tetrachloride was cited earlier as an example of a homopolar 
compound; here, however, it is treated as a heteropolar compound to see 
how far the theory of the heteropolar bond can be applied. Only when we 
meet difficulties n^ we look for another explanation. 
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It is a non-conductor and at 1,000°C decomposes into carbon and 
chlorine, and thus is in all respects the complete opposite of NaCl. 

Are not these differences in conductivity evidence of a different 
kind of bond in the two molecules represented by NaCl and other 
salts on the one hand and carbon tetrachloride on the other, and 
do not the differences in volatility, chemical behaviour and in fact 
all their properties, point in the same direction? 

We shall see later that the differences are not evidence against 
the correctness of the theory, but follow logically from the theory 
of the electrostatic bond. Up to now, the differences between 
these two classes of compounds could only be made clear with the 
help of the scheme of electrostatic valency. The reason why the 
molecules in molten NaCl dissociate into ions, but those in CCI 4 
do not, is immediately apparent when we consider what happens 
in dissociation. According to Kossel the ions, which are bound 
in the molecule, must be separated from one another. This 
requires a certain amount of energy which can be supplied if a 
molecule collides with another molecule or ion as a result of its 
thermal movement. After a suflSicient number of collisions a 
certain percentage of the molecules will be dissociated. The 
stronger the bond between the ions, the more vigorous must be 
the collisions between the molecules to cause dissociation, and 
the smaller will be the number of dissociated molecules at a given 
temperature. Now we can easily understand that the dissociation 
energy of CCI4 will be much greater than that of NaCl, because 
in the latter we have only to remove the chlorine ion from an ion 
with a single charge whilst in CCI4 it must be removed from an 
ion with four times that charge. We should therefore only expect 
a measurable dissociation of CCI4 into ions at high temperatures. 

As regards volatility, there is an enormous difference between 
such compounds as NaCl, NaF, CaO, AI 2 O 3 , comprising salts 
or oxides, and the compounds which are mostly known as the 
metalloid compounds, such as the compounds of carbon with the 
halogens, SO3, NgOg and PClg, and such metallic compounds as 
the very volatile SnCl 4 (boiling point 120®C) and OsFg, which is 
a gas at ordinary temperatures, and also OSO 4 . We wiU consider 
the structure of a molecule from each of these groups, typified 
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Figure 4 


by NaCl and CCI4, which will make the 
differences clear. The molecule of NaCl is 
shown schematically in Figure 4, It is elec¬ 
trically neutral, but if we bring an electric 


charge near the molecule it will 
nevertheless exert an electric force on 
it. A negative ion will be attracted 
by the positive charge of the sodium 
ion, but repelled by the negative 
charge of the chlorine ion. It will 
therefore attach itself to the sodium 
atom on the opposite side from the 
chlorine ion because in this position 
the attraction is stronger than the 
repulsion, Figure 5. 



Figure 5 




If a second molecule of NaCl 
is brought near the first, then 
the opposite charges in the 
molecules will attract each other 
and the two molecules will 
take up tl^e position shown in 
Figure 5. Here the attraction 
Pisure 7 of the Oppositely charged ions is 

greater than the repulsive action 
of the similarly charged ions, because in the double molecule 
the ions with similar charges are farther apart from each 
other than the oppositely charged ones. This coupUng together 
of two molecules with no free valencies opens up quite new 
possibilities. In fact in inorganic chemistry there are many 
compounds known to be formed by combinations of molecules 
in which all the valencies of the atoms are saturated, these are 
called complex compounds: KBF 4 , KaSiF®, KgHgl^ etc. So for 
NaCl we must take note of the possibility that molecules can join 
together to give compounds with unique properties. Figure 7 
shows how two double molecules can join up in this way. With a 
sufficient number of molecules, infinitely large aggregates will be 
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formed in which each Na ion is surrounded by six Cl ions and 
each Cl ion by six Na ions. A larger group built up in this manner 

is shown in Figure 8. The ques¬ 
tion now arises whether such 
molecules do occur. It can be 
proved thattheydoandthatNaCl 
at ordinary temperatures con¬ 
sists exclusively of this kind of 
molecule. In fact a NaCl crystal 
is such a giant molecule, and the 
condensation of NaCl vapour 
to form solid salt represents the 
process by which the single molecules are added to the crystal. 
The correctness of this picture is shown by x-ray analysis of the 
crystal, and we may note in passing that the crystal structure of 
NaCl and of many of the alkali halides is exactly the same as that 
obtained by building up the molecules in the manner described. 
Since the molecules in the crystal are held together by the attrac¬ 
tion of oppositely charged ions, strong bonds hold the crystal 
together and large amounts of energy are necessary to remove 
a molecule from a crystal. By collisions with surrounding mole¬ 
cules a molecule can be loosened from the lattice, but this will 
only occur at high, temperatures when the molecules will have 
sufficient velocity to provide the energy required. The separation 
of the crystal into constituent molecules, which occurs when a 
crystal evaporates, will therefore only take place at high tempera¬ 
tures. At ordinary temperatures the loosening of a molecule is 
rare and the vapour pressure of these compounds will be low. 

As the charge on each ion increases, so the forces holding the 
crystal together become stronger and the vapour pressure 
correspondingly lower. For example, the oxides of bivalent metals 
evaporate at higher temperatures than the halides of the alkali 
metals, and although x-ray analysis shows them to have the same 
crystal structure they are, however, composed of bivalent charged 
ions. The vapour pressure of crystals containing tervalent ions 
such as AIN is smaller still. 

A crystal can be dissociated into molecules by other means than 
evaporation; it can be crushed or split, and the work required to 



Figure 8 
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overcome the electrostatic attraction between the ions is reflected 
in the hardness of the crystal. For crystals of similar structure the 
harder ones will contain ions with higher charges, so that MgO 
will be harder than NaF. Crystals of the XYg type can be built up 
from molecules in an analogous manner, and their properties will 
in the main be similar to those of compounds of the type XY. 

What will be the state of affairs in compounds like CCI4? 
The molecu^a^ model of this compound, section 11, shows the 
carbon ion surrounded symmetrically by four negatively charged 
Cl ions. The electric lines of force from the central ion will 
terminate on the outer ions, or in other words the field of the 
carbon ion will be largely shielded by chlorine ions. The carbon 
ion will therefore exert little or no attraction on oppositely charged 
ions of neighbouring molecules, and, further, a positive ion of one 
molecule can never be close to a negative ion of another. As a 
result the carbon tetrachloride molecule will show little tendency 
to combine with other molecules, but of course there is still a 
small residual attraction which will be effective in crystallization 
although the molecules of such a crystal will be so loosely held 
together that they are easily separated from one another at low 
temperatures. The compound will therefore have a high vapour 
pressure, and its crystals will be much weaker mechanically than 
the crystals of the other types of compounds described. The 
enormous difference in volatility between compounds like NaCl, 
CaO, AIN, CaFg, Ti02 on the one hand, and such compounds 
as CCI4, SiF4, SnCl4, WFe, OsFg etc on the other, is due to the 
fact that in the second group the central ion of the molecule is 
completely shielded by the surrounding negative ions so that the 
latter never will come near the positive ion of another molecule. 
There would therefore appear to be no good reason for making 
any sharp distinction between these two groups of compounds. 

A question which naturally arises is how compounds such as 
aluminium fluoride, with three ions attached to its central ion, 
can fit into such a scheme. It would appear that these compounds 
have to be considered as belonging partly to the first group with 
low volatility, and partly to the second group of compounds. 
Compounds will only belong to the second group if the central 


47 



PROPERTIES OF IONIC COMPOUNDS 

ion is completely shielded by surrounding ions, and this shield¬ 
ing effect will be greater the smaller the central ion. Thus if, 
in a compound XY 3 , a small central ion is surrounded by large 
ones, it will be completely shielded and the compound will have 
properties corresponding to those of the class typified by CCI4. 
If, however, a large central ion is surrounded by small ions then 
the shielding will be less complete, and the compound will have 
properties of the salt forming class, such as AIF3, ScFg etc. 

Boron which occurs in the first row of the periodic system and 
consequently, as a tervalent ion, has only the two K electrons is 
naturally very small. Table F, and in the compounds it forms 
with halogens the boron ion will be completely shielded by the 
three halogen ions so that the boron halides are compounds with 
low boiling points. Of the halogen ions iodine, which contains the 
most electrons, is the largest. In aluminium iodide the three iodine 
ions will shield the aluminium ion, as also do the somewhat smaller 
bromine or chlorine ions in their respective compounds. If, 
however, the halogen ion is sufficiently small, then a complete 
shielding will not be possible and aluminium fluoride, for example, 
is in the less volatile group. 

The influence of shielding on volatility was demonstrated a 
long time ago by van Laar. Kossel had used the same approach 
in his electrostatic molecular models but apparently without 
knowing of the work of van Laar. The only difference between 
the newer conception and that of van Laar is that in the former 
the significance of shielding was not so much the screening of the 
lines of force, which is certainly not wholly correct, but rather 
that the large ions prevent those of other molecules from getting 
close to the central ion of the first molecule. The influence of the 
size of ions on vapour pressure is immediately apparent on 
comparing the boiling points of boron and aluminium hahdes.* 

In Table VIII is given a number of examples of halogen com¬ 
pounds in which the boiling points of the fluorides, as a result 
of incomplete shielding of the central ion, can be seen to be higher 
than those of some of the other halides. Shielding of the central 

♦ The reason why boiling points of completely shielded compounds rise 
if we replace the halogens by another element with a hi^r atomic number 
will be dealt with later, section 42, p. 160. 
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ion by negative ions, which gives rise to volatility, occurs in the 
oxides as well as the halides, but these compounds as a group are 
less volatile than the halides. The reason for this is readily 

Table VIII, Boiling Points °C 


A 1 F 3 

1,261 

SnFi 

705 

SbF 3 

319 

TiF* 

284 

AlCls 

183 

SnCl* 

116 

SbCl3 

223 

TiCU 

136 

AlBrs 

265 

SnBr 4 

203 

SbBr 3 

288 

TiBr 4 

230 

AII 3 

381 

Snl 4 

346 

Sbl 3 

401 

Til 4 

360 


apparent as shielding can only take place if the molecule contains 
at least three negative ions surrounding a positive one. While 
tervalent halides can thus be volatile, oxides on the other hand 
must have a hexavalent central ion surrounded by three oxygen 
ions. A valency of six or higher does not occur very often, which 
therefore accounts for the small number of volatile oxides. They 
do, however, occur in the series NagO, MgO, AlgOg, SiOg, P 2 O 5 , 
SO 3 and CI 2 O 7 ; up to and including SiOg there is no shielding, so 
that these compounds all have high boiUng points. SO 3 is ap¬ 
parently completely shielded, being a substance with the very low 
boihng point 44*8°C, whilst P 2 O 5 which subhmes at 347°C 
represents the transition to the less volatile type. The boiling point 
rises with increasing size of the central ion because shielding is 
thereby decreased; this effect is seen in the boiling point of TeOg, 
which is much higher than that of SO 3 . Again TagOg has a much 
higher one than PgOg, while SiOg has a boiling point greater than 
2,000°C and COg at ordinary temperatures is a gas. 

We can also expect to find volatile compounds amongst the 
sulphides, but the number of these compounds in which the 
positive ion has a charge of six or more is still smaller than in 
the oxides because, as we shall see later, sulphides with highly 
charged positive ions are less stable than the corresponding oxides. 
One example of a volatile sulphide is CSg, boiling point 46’3°C, 
and if we replace the C ion by a larger one, say Si, then the boiling 
point of the resulting compound SiSg rises to 900°C. The boiling 
point of a shielded sulphide will be higher than that of the 
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corresponding oxide unless the latter is not more strongly 
shielded, when the sulphide can have a lower boiling point than 
the corresponding oxide. This phenomenon is observed with 
silicon, where SiS 2 has a boiling point of about 9(XfC while that 
of SiOa is above 2,000®C. It is exactly analogous to the compounds 
AIF 3 and AICI 3 , where the fluoride has a higher boiling point 
than the chloride. Table VIII, 

Following this line of reasoning, we should not expect to find 
volatile nitrides because such compounds would contain three N®“ 
ions associated with a positive ion, which would then have a 
valency of nine. For shielded compounds then we have the 
following rules for volatility: 

1 The volatility decreases if the negative ion is replaced by 
one of the same charge but containing a larger number of 
electrons, for example in the two series 

F“, C1-, Br-, I- and Se^”. 

2 Such a substitution can increase the volatility, however, if 
the replacement of a small negative ion by a larger positive 
ion causes complete shielding as in AIF3—>-AlCl3 etc. 

When the central ion of a compound such as AICI3 is shielded, 
the replacement of Cl by Br does not increase the effect and the 
boiling point will therefore not be lowered but will rise as in 
every shielded compound when Br replaces Cl. 

The situation is quite different with non-shielded compounds 
which are bound together by Coulomb forces the magnitude of 
which diminishes as the radii of the ions increase, and here the 
rule will hold that volatility increases if one of the two ions is 
increased in size. We find then that Nal, b.pt 1,300°C, is more 
volatile than NaF, b.pt 1,700®C, whilst CsCl, b.pt 1,300°C, is more 
volatile than NaCl, b.pt 1,400®C. There are, nevertheless, excep¬ 
tions due to induction effects, an example being the compounds of 
lithium which have abnormally low boiling points. This simple 
theory of shielding then can only partly explain the phenomenon 
of volatility. It is difficult, for example, to see how the two O ions 
can shield the C ion completely, and the fact that CO and NO 
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are gaseous completely contradicts the simple theory. If, in fact, 
NO and CO were true ionic compounds then they should be 
solid substances like CaO and MgO, and the fact that they 
are not would make it appear that we are dealing here with 
compounds which have, not ionic bonds but, a bond similar to 
that found in such molecules as CI 2 and O 2 , which are built up 
from identical atoms. 

It is once more apparent that not all compounds can be brought 
within the simple scheme of the ionic bond and it is difficult 
to say precisely where the division should be made because, 
although it is possible that a number of the compounds we 
have been considering are not ionic in character, many of their 
properties are those we would expect from such structures. 


13. IONIC DISSOCIATION AND ELECTRICAL 
CONDUCTIVITY 

Substances which are electrical conductors either in the molten 
state or in solution in a suitable solvent are called electrolytes, 
and we have to assume that the liquid contains free ions. Such 
free ions must have been produced from molecules, and we have 
already calculated the energy required for dissociation of screened 
compounds, section 11. We found that, for a molecule in which 
the charge of the positive ions is n and the shortest distance 
between positive and negative ions is (x+y), the most important 
energy term was N (n^e^) l(x+y) per gram mol. From this term 
has to be subtracted the energy corresponding to the mutual 
repulsion of similar ions; but the latter is smaller than the attrac¬ 
tion term, from which it follows that the energy required for the 
dissociation into ions decreases as the charge of the ions becomes 
less and their radii increase. All substances which at ordinary 
temperatures consist of molecules containing large ions with 
small charges will show marked dissociation and these molecules 
will not occur free but as coordination crystals. Now, if we wish 
for example to determine the energy required to split one gram 
mol of solid NaCl into ions, then we must calculate not the 
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dissociation energy of N NaCl molecules, but that required to 
dissociate a piece of solid crystal into ions. 

We know from section 11 that the dissociation energy of a 
gram mol of free molecules is N e^l(x+y). We shall find in the 
following section that the energy required to dissociate such a 
crystal aggregate is somewhat greater, viz A (Ne^)/(x+y), in 
which ^ is a quantity dependent on the structure of the crystal. 
For NaCl, A has the value 1*75, to which a correction of about 
ten per cent must be made if the ions are not considered as rigid 
spheres. If in this formula we now substitute the values 
0-602 X 10-24,^-4-80 x lO-^^^e.s.u, and /•-2-814 x lO-® 
cm, then for NaCl in water we obtain a value 

E - 7-89 X - 188 kcal 

We can appreciate the magnitude of this energy from the fact 
that if one gram mol of NaCl is dissolved in one litre of water 
the solution would cool to ~-188°C, assuming that the specific 
heat of water at low temperatures is unity. Actually, if NaCl is 
dissolved in water, the cooling effect is much smaller so that in 
some way or other energy must be released in the solution 
process; this is also shown by the fact that other substances such 
as NaOH, CaClg and HCl actually give out heat on solution. We 
shall see later that energy is released because the ions join up 
with the water molecules, so that the solution of NaCl in water 
is in fact a much more complicated process than a simple dissocia¬ 
tion into ions. Further, the process of melting NaCl is not 
exclusively a dissociation because in the melt some of the ions 
formed associate together, or associate with un-ionized molecules. 
Hence it is difiicult to say how and in what degree dissociation 
into ions will take place, but we can predict that all compounds 
with small dissociation energies will have a chance to dissociate 
partly into ions. 

There are very few data on the electrolytic dissociation of 
molten substances, and only the chlorides have been systemati¬ 
cally investigated. Table IX taken from a publication by Biltz 
and Klemm gives the conductivity of a number of chlorides in the 
liquid state, from which we see that the dividing line between 
conducting and non-conducting compounds runs diagonally 
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through the periodic system. On the lower left-hand side in the 
system we find the conducting chlorides, because there the positive 
ions have the smaller charges and larger radii. 

Table IX. Equivalent Conductivities in rec. ohm cm of 
Chlorides at their Melting Points 


HCl 

10-6 


LiCl 

BeClg 

166 

0-086 

NaCl 

MgCl. 

133-5 

28-8 

KCl 

CaClj 

103-5 

51-9 

RbCl 

SrCla 

78-2 

55-7 

CsCl 

BaClg 

66-7 

64-6 


BCI3 

CCI 4 

0 

0 

AICI3 

SiCU 

15-10-6 

0 

ScCls 

TiCl* 

15 

0 

YCI 3 

ZrCl* 

9-5 

? 

LaCl 3 

HfCU 

29-0 

? 


ThCl* 


16 


14. CALCULATION OF CRYSTAL ENERGIES 

In the preceding section consideration was given to the energy 
required to split one gram mol of solid NaCl into ions, which is 
of course the same as the energy gained when one gram mol is 
formed from free ions. This energy is called ‘Crystal Energy’ and 
determines not only the dissociation of a substance into ions, but 
occurs in a number of other energy calculations. We shall take 
the calculation of the crystal energy of NaCl as an example. The 
structure of solid NaCl has alternate Cl“ ions and Na+ ions. 
Figure 8, and this structure can be buUt up by adding the ions 
one by one. Let us begin with a Cl ion. Round this must be placed 
six Na ions at a distance r which is equal to the sum of the ionic 
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radii. Each of these ions will have a potential energy —e^jr from 

the attraction of the Cl ion. 
From Figure 9 we see we first of 
all have to add twelve Cl ions 
at a distance \/2 r, which will be 
repelled by the first Cl ion, 
opposite which they will each 
have a potential energy 
Subsequently eight Na ions are 
placed at a distance\/3/*, etc. The 
potential energy of the original 
Cl ion opposite all the other 
ions in the crystal will then be 

—6 e^jr + 12 e^l\/2 r —8 €^l\/3 r +. etc in which the 

series must be summed over the whole of the crystal structure. 
The series can also be written 

~^VK6-12/V2 +8/V3-. } 

The summation of the series gives a value 1-747 and is called 
Madelung’s constant A, The expression A e^/r is the energy 
which is obtained when we surround one ion by all the others, or 
equally well the energy necessary to remove one ion from the 
crystal. In order to remove 2N ions in a gram mol of the crystal, 
or in other words to dissociate it into ions, we should require 2N 
times as much. This, however, is not correct because we have 
calculated the potential energy of one ion with respect to all the 
others, and if this were done for all ions then the energy of an ion 
with respect to all the others would have been added in twice. 
The expression, therefore, must be divided by two, and we obtain 
2NAe^l2r = NAe^jr, It is clear that we have to divide by two, 
if we remember that we express the energy required to remove 
two ions from one another as e^/r, and here we do not include 
the potential energy twice, although we obtain two ions. 

This expression then gives the energy which is released when 
one gram mol of ions with a charge e and radii and r"” combine 
to form a crystal of the type NaCl, in which the shortest distance 
between the ions is equal to the sum of the radii r == + /•"*. 

This expression is still not quite exact because, in the first place, 
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we have assumed that the atoms are combined in fixed positions, 
whereas at ordinary temperatures the atoms in a crystal actually 
vibrate and therefore the distances—even though we assume the 
•ions to be rigid spheres—are not exactly equal to the sum of 
the radii but are somewhat greater. In addition the assumption 
that the ions can be considered as completely rigid spheres is not 
completely true and it would be more correct to consider them 
as hard rubber spheres, which are somewhat deformed under the 
influence of their mutual attraction. The correction factor due 
to the compressibility of the ions is (n—l)jn, in which n has 
diSerent values for different ions and mostly has a value of about 
ten. The factor in general is therefore 9/10, and the remaining 
necessary corrections are smaller still. 

Not all ionic compounds crystallize 
^ in the same way as rock salt. Figure 10 
^,^'''1 shows the lattice of C$C1 in which each 

j positive ion is not surrounded by six, 

1 Q but by eight Q ions. The smallest 

I unit, or unit cell of the crystal, is a cube 


-^ in which the Cs ions occupy the corners, 

_^ centre. This is 

the same as if the Cs ion was in the 
Figure 10 centre, and the Cl ions at the comers, 

since the crystal is built up of an 


enormous number of such units 
and it is therefore immaterial 
whether we start from a Cl or a 
Cs ion. In other structures we 
have one ion surrounded by four 
others, as in ZnS. Here two 
slightly different structures occur, 
in both of which each positive ion 
is surrounded by four negative 
ones arranged at the cpmers of 
• a regular tetrahedron, and each Figure ll 

negative ion is surrounded by four 

positive ones. As a mineral the regular form is known as zinc 
blende, or sphalerite, and the hexagonal as wurtzite. One of these 
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structures is shown in Figure 77. If we now wish to calculate how 
much energy is released when Cs ions and Cl ions combine to form 
one gram mol of solid CsCl, then the calculation will be exactly 
similar to that for NaCl, except that the series will be somewhat 
different, having another value for the Madelung’s constant. For 
CsCl A = 1 *763, whilst for the two crystal forms of ZnS it has the 
values 1*638 and 1*641. From this it follows that the greatest 
quantity of energy is released when the ions combine to give a 
CsCl structure, and we must now explain why it is that Na and 
Cl ions do not form crystals of the CsCl structure, which so far 
as we can see corresponds to the greatest energy change. 


15. INFLUENCE OF IONIC RADII ON 
CRYSTAL STRUCTURE 

According to Goldschmidt the shape of the crystal lattice de¬ 
pends on the ratio of the ionic radii. If the crystal energy were the 
only determining factor, then all compounds of type XY would 
crystallize with the CsCl structure, because it corresponds to lowest 
energy. We do, in fact, always find this structure if the ions do 
not differ greatly in size. If we look at the table of ionic sizes, 
section 9, then it appears that there are very few pairs of ions of 
equal and opposite charges, and also of equal size. CsCl and CsBr 
do, however, satisfy these conditions and consequently they have 
a CsCl structure. As long as the ions are of equal size in the CsCl 

structure, the positive ions can 
touch the negative ones without 
there being any mutual contact 
between pairs of positive ions or 
between pairs of negative ions. 
Positive and negative ions can 
therefore be as close together as 
is consistent with the sizes of the 
ions, and we can use the value 
/.+ ^ y- in the expression for the 
crystal energy. Figure 72, which 
a section of the diagonal plane of the CsCl crystal, makes 
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this clear. If now the positive ion, radius rj, becomes smaller, 
then the whole figure contracts until is so small that the 
negative ions can touch one another. Further reduction of the 
size of the positive ion will result in positive and negative ions no 
longer touching. From Figure 12 it will be seen that this occurs if 
21*2 > 2 ('*1 + /3 and therefore if the ratio of the radii 

of positive to negative ion is smaller than 0*73/1. From this point 
onward further reduction of the radius of the positive ions causes 
a reduction in the crystal energy of the CsCl structure to a value 
smaller than would be expected from the sum of the radii of 
tht two ions, because in the expression for the crystal energy the 
distance x is no longer equal to the sum of the radii, but has a 
larger value. 

If we now investigate what would be the crystal energy for the 
NaCl or rock salt structure, in which the ratio of ionic radii is 
smaller than 0*73/1, then we find that, where six negative ions 
surround the positive ion, the negative ions do not prevent 
contact with the positive ion; the ions of opposite charge can 
come sufficiently close to touch. 

Now the expression for the crystal energy of the CaCl structure 
contains a term in the denominator greater than the sum of the 
radii of the two ions, whilst in the expression for the latter com¬ 
pound this term is equal to the sum of the radii, and therefore it 
will have a larger negative value for the crystal energy, notwith¬ 
standing that the value of A for this structure is somewhat smaller. 
The compound will therefore be stable in the rock salt arrange¬ 
ment. If the ratio of the ionic radii now increases further, then 
the rock salt type is no longer possible and passes over to the zinc 
blende type. As spon as the ratio of ionic radii becomes less than 
0*41 /I, then in the rock salt arrangement the negative ions begin 
to get in each other’s way, so that the positive ions can now just 
touch the negative ones. This is, however, not so for the same 
ratio of ionic radii in the zinc blende structure, with the result 
that the crystal energy is a minimum for this structure, which is 
therefore the stable one. 

Although the caesium chloride arrangement always occurs 
when the ratio of radii is approximately unity, the crystal structure 
observed is not always the one expected and the other alkali 
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halides all have the rock salt structure. In compounds with 
bivalent ions, occurrence of the CsCl structure would not be 
expected, because the largest bivalent positive ions are generally 
smaller than the smallest negative ions. We do find, however, 
several examples of the zinc blende or wurtzite structures. 
Table X shows how compounds of type XY are distributed over 
the various crystal structures. Compounds of XYg also have 

various crystal structures, the 
occurrence of which is connected 
with the ratio of the ionic radii. 
When the difference between the 
radii is small, we obtain the 
calcium fluoride structure shown 
in Figure 13 in which each bivalent 
ion is surrounded by eight mono¬ 
valent ions, and each monovalent 
ion by four divalent ones, a very 
common structure. The bivalent 
ion can be negative as well as 
positive, as in the compounds LigO, LigS, CaFg, BaFg, ThOg, UOg. 
When the ratio of the radii increases, then a new type of crystal 
structure occurs, in which each bivalent ion is surrounded by six 
monovalent ions, and each monovalent by three bivalent, the 
arrangement being shown in Figure 
14, the rutile type, named after the 
mineral Ti02. WMst CaFa still has 
the typical structure with 8.4 co¬ 
ordination, yet in the flupride and 
the smaller Mg ion we find the rutile 
structure. Whilst TiOg belongs to the 
rutile type the oxides and the larger 
thorium and zirconium have again the calcium fluoride structure. 
Table X features a number of halides and metal oxides containing 
ions with eighteen electrons in the outer shell. 

Compounds containing such ions are exceptional in many of 
their properties, and we shall come across many examples of them. 
In general it can be said that these ions behave as if their attraction 
by negative charges is greater than that corresponding to their 
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size. This is apparent from the fact that the value of the crystal 
energy calculated according to a cyclic process is considerably 
greater than the theoretical value, discussed in section 16. 

Table X. Crystal Types of Various Compounds AB 



P 

a 

Br 

I 

Li 

6 

6 

6 

6 

Na 

6 

6 

6 

6 

K 

6 

6 

6 

6 

Rb 

6 

6 

6 

6 

Cs 

6 

8 

8 

8 

Cu 

— 

4Z 

4Z 

4Z and 4W 

Ag 

6 

6 

6 

4Z 

T1 

— 

8 

8 

8 


j 

o 

S 

Se 

Te 

Be 

4W 

4Z 

4Z 

4Z 

Mg 

6 

6 

6 

4W 

Ca 

6 

6 

6 

6 

Sr 

6 

6 

6 

6 

Ba 

6 

6 

6 

6 

Zn 

4W 

4Z and 4W 

4Z and 4W 

4Z 

Cd 

6 

4Z and 4W 

4Z and 4W 

4Z 

- 

Pb 

lie 

6 

6 

6 


8 = caesium chloride type 4Z = zinc blende type 

6 = rock salt type 4W = wurtzite type 

* PbO is tetragonal or rhombic 

The following compounds amongst others have a rock salt structure: 
LiH, NaH, MnO, MnS, MnSe, FeO, CoO, NiO, SnTe, SnSb, 
VN, VC, TiN, TiC, ZrN, ZrC, TaC. 

This extra attraction leads to a contraction, in the sense that 
the shortest distance is now somewhat smaller than /•+ + r~, which 
is apparently responsible for the compounds of ions belonging 
to Ae subseries having the curious property of low coordination 
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numbers. We have already found this to occur in the halides of 
Cu and Ag and in the sulphides of Zn and Cd. The compounds of 
Ge 02 , SnOg and PbOg also show this prpperty of low coordina¬ 
tion number and have a rutile rather than a CaFg structure. We 
will not go any further at this stage into the influence of ionic size 
on crystal structure. Goldschmidt’s theory does not fit all the 
experimental observations, as it is only a rough approximation— 
and, as we saw in the calculation of crystal energy, we must take 
into account the fact that the ions cannot be regarded as rigid 
spheres. A more detailed treatment is given in the Appendix. 


16. CALCULATION OF HEAT OF FORMATION 

In section 13 we saw that a large amount of energy is required to 
split a compound into ions." We would expect such dissociation to 
occur at high temperatures, unless another kind of dissociation 
requiring smaller energy occurs, such as dissociation into 
elements. Thus, sodium chloride does not break up into Na+ and 
Cl“ at high temperatures, but into Na and Cl 2 instead. The 
formation of atoms from the ions Na*^ and CL corresponds to an 
energy change 7^^ which according to the data in section 10 
is a positive quantity. A further decrease of energy occurs by the 
combination of the Cl atoms to form molecules. 

Dissociation into elements is the reverse process of compound 
formation in which the energy released in the process is the heat of 
formation; the less the heat, the lower the temperature at which 
dissociation into elements occurs. The stability of a compound 
is therefore dependent to a large extent on the heat of formation, 
which we will now proceed to calculate. 

In section 8 we carried out a preliminary calculation, which was 
not exact, where we started with free atoms of Na and Cl and 
obtained free molecules of NaCl. Now if we react sodium and 
chlorine at normal temperatures, the sodium atoms are not free 
but combined in the solid sodium, the chlorine atoms are com¬ 
bined as molecules, and the NaCl we obtain finally is a crystal. 
We must therefore take account of these initial and final states 
in the calculation. This is carried out by the so-called cyclic 
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process of Born and Haber. Here we imagine the NaCl being 
formed in two ways, first by direct combination of solid sodium 
with gaseous chlorine corresponding to a heat of formation AH, 
and secondly by transforming solid sodium and gaseous chlorine 
into free atoms which are then ionized; these subsequently com¬ 
bine to form solid salt, thus 


[Na] + \ Cl, 
* 

-AH 
[NaCl] 


+ A 


Cl 


Na + Cl 


^Na 


+ I] 


Na 


^C1 


~^4iaci Na+ + Cl* 


From the law of conservation of energy, the energy changes in both 
processes must be the same because initial and end states are the 
same. The heat requirement to dissociate sodium into free atoms 
is the heat of sublimation to dissociate half a gram mol of 
Cl, into atoms requires the dissociation energy Dq. To transform 
the sodium atoms into ions will require the ionization energy 
while heat corresponding to the electron aflSnity of chlorine, 
will be released. Finally, the combination of ions to give solid 
salt will release the crystal energy t/NaCi* Taking the cycle as a 
whole we have 


AH — —~"^C 1 “4ja + ^C\ + ^NaCl 
This expression therefore gives us the correct value of the heat of 
formation. The heats of sublimation of elements can usually be 
determined directly but are mostly derived from the change of 
vapour pressure of the solid with temperature, making use of the 
Clapeyron equation which relates these quantities. 

Determination of D is somewhat more difficult. The higher its 
value the higher the temperature at which marked dissociation 
occurs. We would therefore expect a relation between D and the 
change of degree of dissociation with temperature, and D can be 
calculated when the dissociation can be measured as a function of 
temperature. Cl, ^ 2C1. The dissociation energies of F,, Cl,, 
Br, and I, are well enough known, but those of O,, N,, S, and P 4 
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are less accurate. The heats of formation of halides can now be 
calculated because all the necessary data are available, and the 
agreement between observed and calculated values is very good 
as Table XI shows. In all these calculations the corrections to the 
crystal energy mentioned in section 14 have been applied. 

We have seen that the 
Table XI. Heats of Formation of values of electron affini- 
the Alkali Halides in kcal jjgg given in section 10 

are not very reliable, but 
they can be calculated as 
follows; 

AH = -5 -D -I 
+ E+U 

from which it follows that 
E = S + D I -U 
-AH. 

In this last expression all 
quantities are known and, 
if the theory is correct, 
all the fluorides should 
give the same value of E^, 
as they do within a few 
kilocalories. Thus we find 

Ep = 98 Ed = 92 ^Br = 87 E^ =19 
all the values being somewhat higher than those given in section 
10. The calculated heat of formation is in error by about 4-5 kcal 
if the directly determined electron aflBnities are used in the calcu¬ 
lation, but even this agreement is very satisfactory, in spite of the 
accumulation of small errors in the five quantities in the equation. 

17. CONDITIONS GOVERNING 
HEATS OF FORMATION OF IONIC COMPOUNDS 

We have just found that the calculated heats of formation of the 
alkali halides agree very satisfactorily with experimental values, 
but agreement is not so good for other compounds. These dis¬ 
crepancies are partly due to inaccurate data for the heats of 
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sublimation, ionization energies, dissociation energies and electron 
aflBnities of the elements concerned. In addition, the simplifying 
assumptions introduce large errors into calculations for com¬ 
pounds containing highly charged ions. To recapitulate, these 
assumptions were: 

1 The idea of completely rigid spherical ions. In fact the 
distance between the ions is markedly influenced by the 
magnitude of the electric attraction between the ions, so 
that the F ion behaves as a smaller one when linked to a 
hexavalent S ion than when it is bound to a Na ion, 
section 53. 

2 All forces between the ions other than those due to the 
electric charges were neglected. 

In any exact calculation, corrections must be applied for the 
van der Waals forces, section 45, and for induction effects, 
section 35. Both corrections can be partially applied, but the 
calculation then becomes considerably more complicated. They 
will not be considered further here but, neglecting the fact that 
agreement between calculated and observed heats of formation is 
not exact, we will try to obtain a general picture of the change of 
heat of formation when an ion in a compound is replaced by 
another with different radius, charge and, eventually, different 
electronic structure. 

A compound with a low heat of formation would decompose 
into its elements when heated to a moderate temperature, and 
would have a low stability. On the other hand a compound with a 
high heat of formation will not decompose under such conditions 
and is therefore more stable, so there must be a definite connection 
between stability and heat of formation. A compound with a low 
heat of formation will be unstable on heating if one of the 
elements is volatile, which applies to nearly all ionic compounds. 
A compound with a large heat of formation will not dissociate 
on moderate heating into its elements but it can, however, undergo 
a partial dissociation as follows: 

PCU->PCl3 + Cl8 

If we look in the literature at the values for heats of formation, 
and stability, then we will see immediately that both quantities 
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depend in a simple manner on the sizes, charges and structures of 
the ions. Although there is no quantitative relationship we can 
say that the following generalizations obtain: 

1 The heat of formation, and stability, increase when a 
positive ion with a noble gas structure is replaced in a com¬ 
pound by another with equal charge but greater radius. 

2 The heat of formation decreases if the charge of the positive 
ion with a noble gas structure is increased, the radius 
remaining the same. 

3 The heat of formation decreases if the radius of the negative 
ion increases. 

4 The heat of formation also decreases if the charge of the 
negative ion is increased. 

5 Substitution of a noble gas ion by one with an 18-electron 
structure leads to a decrease in the heat of formation, 
provided the charge and the radius remain the same. 

We shall show later how far these empirical rules for the heat 
of formation are connected with the idea of the ionic bond, or can 
be derived from it. 


18. RELATION BETWEEN HEAT OF FORMATION 
AND RADIUS OF POSITIVE ION 

There are many examples which show how the heat of formation 
increases with increasing radius of the positive ion; it is important, 
however, that we should be able to apply the rule to compounds, 
of which the heat of formation is not known, in order to predict 
the stability of unknown compounds or of those which have only 
been incompletely investigated. NgOg is a very unstable compound 
and at ordinary temperatures decomposes slowly To Og and lower 
oxides. However, by replacing the pentavalent N ion by the larger 
P ion we obtain the very stable compound P 2 O 6 . As NCI 3 is 
already unstable then NClg must be still more so, and a rough 
calculation of the heat of formation gives a large negative value. 
If we replace the N ion in NClg by the larger P ion, giving PClg, 
then a much more stable compound is obtained which still de¬ 
composes fairly easily at 220''C into PClg and Cl 2 » A still more 
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Stable compound is obtained if the P ion in PClg is replaced by 
the still larger columbium or tantalum ions, both these compounds 
showing no traces of decomposition up to 300°C. A good example 
is provided by the iodides of elements of the fourth group of the 
periodic system, namely C, Si, Ti, Zr, Hf and Th. CI 4 is an 
extremely unstable compound and a small temperature rise causes 
decomposition to iodine and the formation of other iodides. 
Sil 4 on the other hand, because of its larger positive ion, is 
sufficiently stable to be distilled without decomposition. Til 4 is 
even more stable; the heats of formation of this compound and 
of the subsequent iodides are still not known, but the validity of 
the qualitative stability rules is nevertheless shown by the in¬ 
creasing stability. 

Table XIL Heats of Formation per Equivalent in kcal 


C02 1 

SiOa 

TiOa 

ZrOa 

HfOa 

ThOa 

23-5 

49-5 

54 

64 

68 

83 


SO3 

Cr 03 

M0O3 

WO3 

UO3 


17 

25 

29 

32 

49 

BCI3 

AICI3 

SCCI3 

YCI3 

LaCU 


31 

55 

— 

— 

89 


N2O5 

0 

VaOa 

Cb205 

TaaO^ 


1-4 

36-5 

44 

' — 

49 


BeS 

MgS 

CaS 

SrS 

BaS 


— 

40 

56 

56 

— 


Bela 

Mgla 

Cal a 

Srla 

Bala 


44-5 

43 

64 

68 

'72-5 


ecu 

SiCU 

TiC]4 

ZrCl4 

ThCU 


6 

35 

46 

— 

84 


BeO 

MgO 

CaO 

SrO 

BaO 


72-5 

73 

76 

70-5 

66-5 



The thermal dissociation of these iodides is a valuable method 
for preparing these metals in a pure state; the higher the heat of 
. formation of the iodide the higher the temperature necessary to 
produce dissociation, which can be shown by determining the 
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temperature to which a metal wire has to be heated in the vapour 
of the iodides to produce a deposit of the metal. The temperature 
rises steadily for the iodides of Ti, Zr, Hf and Th. The number 
of examples can be extended quite easily. As regards the fluorides, 
the compound IF 7 is known, but the other halogens with smaller 
positive ions do not form fluorides with heptavalent ions. 

In the explanation of the change of heat of formation with the 
radius of the positive ion, the following facts must be taken into 
consideration. Two of the quantities occurring in the formula for 
the heat of formation, namely ionization energy and heat of 
sublimation, are related to the positive ions. Two more, namely 
dissociation energy and electron affinity, are related to the nega¬ 
tive one only, while the crystal energy is dependent on both. If, 
therefore, we compare the heats of formation or, what amounts 
to the same thing, the stability of a series of compounds all of 
which have the same negative ion, then we can neglect the electron 
affinity and dissociation energy provided the heats of formation 
are calculated per equivalent. It is, of course, obvious that if AICI3 
and NaCl are compared, then the quantities concerned must be 
calculated for equivalent quantities of chlorine ions. The value 
for the heat of sublimation is not in general large, and so the heat 
of formation will only be influenced by it to a minor extent. We 
can therefore begin by assuming constant heat of sublimation. 

The change in heat of formation, as a result of a change in the 
positive ion, will be primarily dependent on the values of I and U. 
In section 2 it was shown that increasing the radius of the ions 
decreases the ionization energy, since in the larger ions the 
Coulomb-energy of the outer electrons is smaller. This energy 
should be equal to e^/a if the electron were at rest at a distance a 
from the nucleus, and if all the other electrons could be considered 
to be concentrated in the nucleus. The radius would then be 
approximately equal to the radius of the atom. Since, however, 
the electron is not really stationary, and the other electrons are 
not localized in the nucleus, this expression cannot be correct; 
but we can expect that such an expression will give the approxi¬ 
mate relationship between ionization energy and atomic radius. 

We may also assume that there will be a relationship between 
the size of the atom and that of the resulting positive ion, such 
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that we can put the ionization energy I approximately equal to 
ke^lr"^ in which the factor k is introduced as a correction factor, 
its value being about one half. If in a compound such as CaCl 2 we 
replace the Ca by the larger Ba ion, then / is inversely proportional 
to the ratio of the radii of the Ca and Ba ions. As a result of the 
lower ionization energy the heat of formation increases, but the 
crystal energy decreases at the same time because the replacement 
of the positive ion by a larger one increases the value of + r"* 
in the denominator, section 14. The influence of the positive ion, 
however, is smaller here because a given change in leads to a 
smaller change of + /•", more especially if the positive ion 
is small in comparison with the negative. In such, therefore, as a 
result of changing the positive ion, the crystal energy will decrease 
less than the ionization energy and, since the latter occurs with a 
negative sign in the expression for heat of formation, increasing 
the radius of the positive ion will lead to an increase of the heat of 
formation of the compound. This is no longer true if the radius of 
the negative ion is the same or smaller than that of the positive, 
as for example in the hydrides and fluorides {Table XI\ or the 
oxides and nitrides of the alkali and alkaline earth metals. 

Highly charged positive ions always have smaller radii than 
those of the negative ions, with the result that compounds having 
positive ions with a charge greater than two obey the rule without 
exception as long as the ions have a noble gas structure. The 
qualitative rule is not required for compounds having positive 
ions with lower valency, because the heat of formation can be 
calculated with sufficient accuracy. 


19. HEAT OF FORMATION AS A FUNCTION OF 
THE CHARGE OF THE POSITIVE ION 

Now Table Xlll shows that when a positive noble-gas ion is 
replaced by one with the same structure but having a larger charge, 
the heat of formation decreases and consequently so does the 
stability. The same stability behaviour is also found in compounds 
when the heats of formation are not known. We will start with Nal 
and compare it with the compounds Mglg, Alia, Sili, Pis etc. The 
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first compounds are all stable up to 500°C but marked dissociation 
of SiT 4 occurs at high temperatures, whilst PI 5 is so unstable that 
it is impossible to prepare it. The non-existence of compounds 
SI 6 and CII 7 is the result of lower heat of formation caused by 
the larger charge of the positive ion. 

Table XIIL Heats of Formation in kcal per Equivalent 


LiaO 

71-5 

BeO 

72-5 

B2O3 

47 

CO 2 

23-5 

N2O5 

1-4 




Na^O 

50 

MgO 

73 

AI2O3 

63 

SiOa 

51 

P.O3 

37 

SO3 

17 

CI2O2 

1 


NaCl 

98 

MgCla 

76-5 

AICI3 

56 

SiCl 4 

37 

PCI5 

26 




Na^S 

45 

MgS 

41 

A1 2 S 3 
21 

SiSa 

3-5 

“p^sT" 

7 




CsaO 

41 

BaO 

66 

LaaOs 

76 

HfOa 

68 

TaaOj 

49 

woT 

32 

Re 207 

21 

OSO4 

12 


Interruption of the series of compounds with increasing charge 
is noticeable in both fluorides and oxides, but the fluoride series 
continues further than that of the iodides. Thus after PF 5 we find 
SFe, but CIF7 is missing. In the series of the oxides NagO, MgO, 
AI2O3, SiOg, P206» SO3 and CI2O7, marked diminution of 
stability occurs after P2O5. SO3 is not a very stable compound 
since it is not formed when sulphur is burnt in oxygen, the 
temperature of the flame being sufficiently high to dissociate the 
SO 3 into SO 2 and oxygen. The next oxide, CI 2 O 7 , can be prepared 
but is extremely unstable and will decompose explosively into O 2 
and CI 2 or lower oxides of chlorine. Comparing the series of 
oxides of the third period with those of the second containing 
Li 20 , BeO etc shows that the latter ceases sooner because these 
oxides have smaller ionic radii. In this series the oxide of the fifth 
element NgOs is almost as unstable as CI 2 O 7 in the other series. 

The decrease of heat of formation with the charge of the positive 
ion also follows from the general formula for heat of formation. 
It was noted earlier that the ionization energy increases for each 
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subsequent electron as a result of the larger Coulomb energy 
required to remove an electron from a highly charged ion. On 
the basis of ionization energy therefore, we would expect com¬ 
pounds containing bivalent positive ions to have a lower heat of 
formation than those containing monovalent ones, and that 
increasing charge will further decrease the heat of formation, 
although this effect will be compensated to a large extent by the 
increase of crystal energy due to the higher charge of the ions 
even though this increase, depending on the denominator /*+ + r~, 
is less than that of the ionization energy. We would therefore 
expect the charge to have a fairly small effect, -were it not for the 
fact that by loss of more electrons the radii of the ions decrease 
and it is this decrease of the radius of the positive ion according 
to the first rule which gives rise to lower heat of formation. The 
rule, that the heat of formation decreases with increasing charge 
of the positive ion, is only valid if the positive ion is much smaller 
than the negative, as occurs in highly charged ions but not 
always in those with a low charge; compare NagO and MgO 
with LigO and BeO. Here still another effect plays a part. 

A compound has a larger Madelung constant per gram 
equivalent than a compound A^'^Bg. Therefore whilst for equal 
ionic radii a halide has a larger equivalent crystal energy 

than a compound A^'^Xg, which favours a decrease of heat of 
formation with increasing charge, yet a chalcide on the 

other hand has a lower crystal energy than one with the formula 
A2 +c2 -^ which is unfavourable to the decrease of heat of forma¬ 
tion with increasing charge and consequently gives rise to a 
maximum in the heats of formation in the second group. (A 
chalcide is a compound formed from a metal and a chalcogen.) 
Jhe decrease of crystal energy is a consequence of the mutual 
repulsion of the two A'*' ions which of course does not occur in 
the compound A®‘*'C^‘‘. This effect is still more clearly seen in the 
nitrides. The compound AP'^N^~ has a large crystal energy; the 
maximum heat of formation occurs in the third group where we 
find again compounds of the type AN. The heats of formation 
of the alkali nitrides are so small that these compounds, with the 
exception of LigN where the negative ion is larger than the 
positive, are not formed at all. 
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The rule discussed here is particularly important, since we have 
now found the reason why increase of valency is limited and why 
compounds are unstable when the charges of the ions exceed 
certain values. 


Table XIV, Heats of Formation of Subgroup Compounds 
in kcal per Equivalent 


CujO 

20-5 

ZnO 

41-5 

GajOg 

43 

GeOg 

32 

ASgOg 

22 

(SeOg) 

(Br gO 7) 

Ag^O 

3-5 

CdO 

30-5 

IttgOg 

37 

SnOj 

34 

SbgOj 

23 

TeOg 

14 

(I 2 O,) 

AugO 

HgO 

10-5 

TlgOg 

20 

PbOg 

16 

(BigOg) 




The previous discussion has been limited to ions with noble gas 
structure; the same phenomena occur in the highly charged 
elements of the subgroups as can be seen from the values of the 
heats of formation of some oxides, Table XW^ where again the 
compounds with higher valencies are missing. Brackets indicate 
that the compounds do not exist or cannot be prepared pure. 


20. INFLUENCE OF SIZE AND CHARGE OF 
NEGATIVE IONS ON HEAT OF FORMATION 

If we replace the halogen ion in a halide by a larger one, the heat 
of formation decreases, as can be seen from the examples in 
Table XV which have been chosen arbitrarily from a large number. 
This fact can be deduced easily from the formula for heat of 
formation. Since the positive ion is unchanged, S and I remain 
constant and we are only concerned with the quantities 2), E and 
U, Experiment shows that the values of E and D decrease from F 2 
to I 2 , so that the difference D —£ does not change appreciably. 
The change in heat of formation caused by substitution of one 
halogen by another influences only the crystal energy and, since 
this quantity decreases when the radius of the negative ion 
increases, the fluorides have larger heats of formation than the 
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chlorides which again have larger values than those of the 
bromides, and so on. 

Table XV, Heats of Formation of Halides in kcal per Equivalent 


LiF 

LiCl 

LiBr 

Lil 

145-5 

97-5 

84 

65 

BaFa 

BaCla 

BaBrg 

Bal 3 

144 

103 

90 

72-5 

AIF3 

AICI3 

AlBrs 

AII3 

110 

55-5 

42 

24 

SiFi 

SiCl 4 

SiBr 4 

Sil 4 

40-5 

36 

23 

7 


The stability rule can be shown to be valid for compounds, 
even when the heats of formation are not known, by an examina¬ 
tion of the observed stability as for example in the iodides and 
fluorides of a number of elements. CF 4 is a very stable compound 
in contrast to CI4 which decomposes very easily. In the third 
period from sodium to chlorine, the fluorides extend as far as 
sulphur and at the end of the series we have PF 5 and SF^. On the 
other hand, the highest iodine compound of phosphorus has the 
formula PI 3 , and there are no known iodides of sulphur. 

In the fourth period the compound VF 5 is known, but not the 
corresponding iodide. In the element preceding vanadium, 
titanium, the compounds TiF 4 as well as Til^ are known, but we 
know the latter decomposes more easily. Decomposition of this 
substance is used, as has already been mentioned, to prepare the 
pure metal titanium, whilst TiF 4 and TiCl 4 cannot be used for 
this purpose. 

Chlorides and bromides are intermediate in stability between 
fluorides and iodides, and because there is a fairly large diSerence 
in ion size between fluorides and chlorides there is here a large 
change in stability, whilst chlorides and bromides do not difier 
markedly in this respect. Although the chlorides correspond more 
to iodides than to fluorides in their behaviour, yet there are, 
however, several instances in which the chloride is known but not 
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the corresponding iodide, as for example PCI5 but not PI5. A 
striking example is vanadium, of which the highest fluoride, 
chloride, bromide, and iodide are VF5, VCI4, VBrg and Vlg 
respectively. A further example of the different heats of formation 
of iodides and chlorides is shown by the fact that cupric chloride 
and ferric chloride exist, whereas the cupric and ferric iodides 
cannot be prepared in the solid state. 

In comparing the stability of fluorides and iodides we have 
perhaps overlooked an important point, namely that in the iodides 
the positive ion may be too small to accommodate a large number 
of iodine ions around it. The crowding of the iodine ions could 
then result in their being no longer at a distance + r” from 
the middle of the positive ion. This would mean an increase of 
distance in the positive and negative ions leading to further 
decrease of stability. 

The replacement of a bivalent negative ion by a larger one 
is far less simple; here the electron affinity is always negative, 
whilst the absolute value of that of the larger ion will be smaller. 


Table XVL Heat of Formation in kcal per Equivalent 



Cs 

Rb 

K 

Na 

Ca 

Mg 

A1 

Oxides 

41 

41-5 

43-] 

49-7 

75-8 

73 0 

63-3 

Sulphides 

43-5 

44-0 

li-O 

44.9 

57-7 

“ 41 “ 

23-4 


Thus if a smaller ion is replaced by a larger one S^" this has 
the effect of increasing the heat of formation, but the increase will 
be compensated by the decrease of crystal energy. Let us compare 
some oxides with the corresponding sulphides. The heat of 
formation of the latter per equivalent will be greater by 
Eq —Es + Dq —Dg than those of the sulphides. The latter 
compounds will, however, have a smaller crystal energy, and the 
difference in this will be all the greater the smaller the radius of 
the positive ion. For highly charged ions, therefore, the heat of 
formation of sulphides will be greater than that of oxides. Only 
in the large ions of low charge (K and Rb) is the crystal energy 
so small that this difference cannot compensate for the difference 
in D and £, as is shown in Table XVL 
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INFLUENCE OF SIZE AND CHARGE OF NEGATIVE IONS 

The difference in heat of formation is still more marked between 
the nitrides and phosphides. By the same reasoning as for the 
oxides and sulphides, the alkali phosphides (where is large) 
should have higher heats of formation than nitrides; whilst the 
nitrides cannot be prepared, the phosphides and arsenides of the 
alkali metals are fairly stable compounds. 


Table XVIL Heats of Formation of some Chalcides 
in kcal per Equivalent 


H^O 

ns 

HaSe 

HjjTe 

34 

4 

-7 

-17 

CaO 

CaS 

CaSe 

CaTe 

76 

57 

44 

— 

ZnO 

ZnS 

ZnSe 

ZnTe 

42 

23 

17 

16-5 

fl^O 

TI 2 S 

TIaSe 

Tlje 

2 ] 

11 

6 

3-5 


We will now investigate how the stability is influenced by 
changing the charge of the negative ion when the radius is the 
same. The radii of the ions F”", and N®“ are not greatly 
different, so that in the compounds LiF, Li 20 , LigN the heat of 
formation will depend mainly on the charge of the negative ion. 
The effect of this charge is to be found in the change of the 
electron affinity E and the crystal energy U, The same difficulty 
is encountered here as in considering the influence of the radius 
of the negative ion, namely lack of data on electron affinities. It 
is, however, plausible to assume that the influence of electron 
affinity will be preponderant in any compounds with small 
positive ions of low charge where the influence of the crystal 
energy is relatively small, so that with increasing charge of the 
negative ion the heat of formation decreases. This decrease of 
stability is even greater if, as is to be expected, the radius of the 
negative ion decreases with increase of charge. The rule that 
increasing the charge of the negative ion decreases the heat of 
formation can therefore not be proved rigidly. The fact that so 
few nitrides exist, compared with oxides and fluorides, and so few 
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phosphides, compared with sulphides and chlorides, shows that 
we can accept this rule, and the few heats of formation which are 
available support its validity, see Table XVIIL 

21. IONS WITH SPECIAL ELECTRON 
STRUCTURES 

It was shown in section 8 that from the eighteen elements in the 
fourth and fifth periods only eight noble gas positive ions can be 
formed, but the situation is different in the sixth period. If we 
consider an ion with a noble gas structure as one possessing the 
same number of electrons as that of the preceding noble gas atom, 

then only four elements 
Table XVIIL Heats of Formation form such ions, namely 
in kcal per Equivalent Cs"^, Ba^"'', La'"*''" and Ce'^'^, 

the latter for example in 
the oxide Ce02. If on the 
other hand we consider 
an ion to have a noble 
gas structure when it has 
an outer shell of eight 
electrons, then there are 
many more such ions, in¬ 
cluding all tervalent ions 
of the rare earths, Hf^"^, 
Ta®+ etc to Os®"^. Follow¬ 
ing the elements which form noble gas ions there are some with 
variable valency (elements of the iron to platinum group) and 
at the end of the period another series of elements in which the 
valency goes from one to eight, or the subgroup elements having 
eighteen electrons in their outer shells. 

As regards valency, the monovalent elements Cu, Ag and Au 
correspond to the alkali metals; the bivalent Zn, Cd and Hg to 
the alkaline earth metals, and Ga, In and T1 to the metals of the 
third group etc. In this way Cu, Ag and Au are associated with 
the alkali metals, the latter being called elements of the main 
groups and the former of the subgroups respectively. There is, 


LiF 

LiaO 

LiaN 

145-5 

71 

15 

NaF 

Naab 

NaaN 

136 

49-5 

/-w 0 

BaFa 

BaO 

BaaNa 

144 

65-5 

30 

CaCla 

CaS 


95-5 

57 
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however, little point in classifying the elements in this way 
because the properties of those of the subgroups are actually very 
different from those of the main groups, as can be seen by com¬ 
paring sodium with silver. The sodium compounds are very 
stable, whilst the silver ones decompose easily on heating. Photo¬ 
graphic processes depend on this property of silver compounds. 
They are easily decomposed by light and this agrees with the 
comparatively low heats of formation of silver compounds in 
comparison with sodium ones. The difference here cannot be 
caused by the charge, which is the same in both, and neither is it 
due to a difference in the ionic radius, which is also approximately 
the same. From the formula for heat of formation it appears that 
there can only be one reason for the difference in stability; that 
is the large ionization energy of silver. Reference to Table VI shows 
clearly that the elements of the subgroups in comparison with 
those of the main groups have very high ionization energies for 
approximately equal ionic radii, and this must necessarily result 
in a lowering of the heat of formation and in consequence the 
stability of the compound. 

The high ionization energy must be connected with the structure 
of the ion. We will not attempt to explain here why the ionization 
energy of ions with 18-electron structure is larger, for this is a 
problem in the field of atomic physics and falls outside the scope 
of this book. It is not only the stabilities of the ions of the main 
and subgroups which differ, for the halides of the alkali metals 
are freely soluble in water whilst the halides of monovalent Cu 
and Ag are not. The subgroup ion apparently has an extra attrac¬ 
tion, or a stronger field, than corresponds to its size. The question 
arises whether a new hypothesis has to be introduced to account 
for this, or whether its existence can be derived from what we 
already know; in fact the extra field is connected with the high 
ionization energy. 

An abnormally high value for the ionization energy indicates 
that a large amount of energy is released when the ion recombines 
with an electron. In other words, the electron experiences a greater 
attraction in moving towards the ion than would be exerted on 
it by a noble gas ion with the same charge and radius, this 
extra attraction apparently being due in some way to the special 
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Structure of the subgroup ion. It is also fairly certain that this extra 
attraction only occurs when the electron is at a small distance 
from the ion whilst, at a greater distance away, the subgroup ion 
will behave in the same way towards an electron as a noble gas 
ion does. Further, it does not matter whether the electron in 
question is free or part of a negative ion. Electrons are more 
strongly attracted by subgroup ions than by those of the main 
groups irrespective of whether they are in a negative ion, provided 
that they are a small distance away. We therefore have to expect 
that negative ions will be attracted more strongly by subgroup 
ions than by those of the main groups. The abnormally high 
ionization energy of the subgroup ion has two consequences, 
the first being that the heat of formation is lowered, and the 
second that subgroup ions exert stronger attraction on negative 
ions. 

This extra attraction has, amongst other things, the effect of 
increasing the crystal energy to which attention was drawn in 
section 15. In spite of the increased crystal energy of the com¬ 
pounds of subgroup elements for equal charge and equal size 
of positive ion, they have a lower heat of formation than those of 
the main groups. The increased crystal energy of the compounds 
of elements of the subgroups, however, will lead to less dissocia¬ 
tion into ions. 

Frequently the ionization energy of subgroup ions increases in 
spite of an increasing radius of the ion, as for example in the series 
Cu, Ag, Au; thus Hg has a higher ionization energy than Cd. 
If we assume that the 18-electron shell raises the ionization energy, 
then the effect will clearly be increased by a second shell of this 
configuration in the fifth period from Ag+ to I“, and a still further 
increase must result from completion of the N shell in the rare 
earths which have a 32-electron shell in addition to the one of 
eighteen. It now becomes clear that the relation between stability 
and ionic size cannot in this instance be generally valid, because 
it was derived from the experimental fact that the ionization 
energies of elements of the main groups decrease with increasing 
radius. Thus, for example, gold compounds are particularly 
unstable, due to the two unfavourable factors of high ionization 
energy notwithstanding the relatively large radius of the Au+ ion, 
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the latter causing a lowering of the crystal energy. Most gold 
compounds are so unstable that they cannot be prepared by the 
reaction of metallic gold with a reagent; and gold is called a noble 
metal on account of these properties. 

It now becomes understandable why most noble metals Ag, 
Au, Hg are to be found in the subgroups. The remaining noble 
metals Pt and Pd and several other immediate neighbours of the 
Pt group are very close to the elements of the subgroups. These 
elements also have particularly high ionization energies, but we 
can say very little about their stability because the corresponding 
ionization energies are not known. Finally, a further reason for 
the instability of Au, Ag and Pt compounds in comparison with 
the alkali metals is their much higher heats of sublimation, which 
consequently reduce their heats of formation and stabilities. 

The halogens and chalcogens are often regarded as two groups 
of elements in which a continuous change of chemical properties 
occurs with increasing atomic number. The affinity for hydrogen 
and metals certainly does decrease with increasing atomic number, 
which is in complete agreement with the third stability rule 
(decreasing heat of formation with increasing radius of the 
negative ion). 

The position is reversed for the affinity for oxygen, that is it. 
increases with the atomic number, which is in agreement with the 
second stability rule if we assume that in the halogen oxides the 
halogen ions are positive. The matter, however, is not quite so 
simple; it is in no way surprising that there is no oxide F 2 O 7 when 
it is remembered that CI 2 O 7 , in spite of its much larger positive 
ion, is a very unstable compound. It is, however, very remarkable 
that Br 207 does not exist alone or in complex compounds, 
although the ion is larger than the ion. The lower 
stability must therefore in all probability be attributed to the 
higher ionization energy arising from the 18-electron configuration 
of the Br’+. Again, I 2 O 7 as such is not known, although the 
per-iodates are; the larger ion therefore has, as we would 
expect, a greater stability than the Br*^-^ ion. 

Of the chalcogens SeOg is less stable than SOg, and 
according to recent investigations SeOg does not exist at all. 
Se®+ ions are present in the selenates (KgSeOJ which are less 
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stable than the corresponding sulphates. TeOg on the other hand 
is a much more stable compound. It is also interesting to compare 
the heats of formation of compounds from elements in one of the 
last groups of the periodic system, for example the following: 


Table XIX, Compounds of Elements in Fourth Subgroup 


Substance 

N2O5 1 

P2O5 

AS2O5 

Sh,0, 


kcal 

1-3 

36 

22 0 

23 

~15 


The large rise from NgOg to P 2 O 5 is caused by the increased 
radius. The transition from an eight to an 18-electron configura¬ 
tion accounts for the decrease of the value for AS 2 O 5 , while the 
small rise again for SbgOg due to the increased radius is partly 
compensated by the effect of the second 18-electron shell. The 
heat of formation of BigOg is certainly lower than that of SbgOg; 
as Bi 205 has not yet been prepared in the pure state, the pro¬ 
visional value of 15 kcal has been allocated to it. Similar changes 
are found in other compounds and the pentachlorides PCI5 and 
SbCls exist, but not those of the other three elements. 

Of the compounds containing an abnormal positive ion there 
are some which are conspicuous for their low stability, an excellent 
example being CI 2 O. There is little doubt that the high ionization 
energy of chlorine 398 kcal, as against 118 for oxygen, is re¬ 
sponsible for the low heat of formation of this compound. We 
might perhaps expect that because of this high ionization energy 
the chlorine ions would exert a particularly large attraction on 
the others and attribute the abnormal properties of CI 2 O to this 
extra attraction. It certainly explains its very small tendency to 
dissociate into ions, so that the compound HOCl (considered as 
H+ etc) does not dissociate as a base into HO“ and C1+, but as a 
weak acid into and see section 33. This is probably 

taking the argument too far, since CI 2 O may not be an ionic 
compound at all. The formula for CI 2 O can also be written as 
0^*^Cli, which would be expressing it as a chloride of oxygen. Such 
a formula is, however, improbable because ionization of the 
oxygen atom requires more energy than that of a chlorine atom. 
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22. STABILITY OF COMPOUNDS 


In the discussion up to now we have only considered the influence 
on stability of the heat of formation which determines whether 
a compound will decompose into its elements or not. Particularly 
in compounds with higher valencies, dissociation into the elements 
in general does not take place on heating, but a compound of 
lower valency is formed, as for example 

PCI5 ^ PClj, + cu 

There is no direct connection between heat of formation of a com¬ 
pound and its stability in respect of this kind of decomposition. 

CrOg dissociates to give off part of its oxygen much more easily 
than SO 3 ; yet CrOg has the higher equivalent heat of formation, 
namely 23-2 kcal as against 17-7 for SO3. Many more such 
examples can be quoted. Again, UCl# cannot be prepared because 
it apparently dissociates into chlorine and UCI4 although we may 
be sure that UOg has a higher heat of 

formation than WO 3 ; nevertheless UO^ is formed much more 
easily on heating UOg than is WO^ from WOg. It is clear that the 
course of a reaction of the type 

PCI5 PCls-f CI3 

is not exclusively determined by the heat of formation of PCI5 but 
by the difference in the heats of formation of PCI5 and PCI3. 

In calculating the energy changes the heats of formation of the 
products formed in the reaction must be subtracted from those 
which disappear. It is clear that in the reaction 

2 SO 3 2 S 03 + O 2 -70 kcal 
much more energy is required than for the reaction 
2 Cr 03 -> Cr^Og + .jOg —5 kcal 
and in the reaction 

2WOg -> 2WOg - 1 - Og -130 kcal 
much more than for 

2 UO 3 -> 2 UO 2 + Og -70 kcal 
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although the heats of formation of SO 3 (106 kcal) and WO# 
(196 kcal) are respectively lower than those of CrOg (139 kcal) 
and UO 3 (292 kcal). UO 3 dissociates easily because UO 2 has a 
particularly high heat of formation and the tetravalent state of 
this element is more stable than the hexavalent one. This is 
connected with the fact that U the third element of the thorides 
behaves in the first place as a tetravalent element, just as Ce in 
general behaves as a tervalent one. 

In general the reason for the high stability of a lower valency 
state is to be found in the relatively low value of the first of the 
ionization energies. When the values of these are known it is 
generally possible to predict which valency an element will 
assume. If therefore we compare the stability of chalcides with 
that of the halides we must be careful what we conclude from 
the heats of formation. Cr 03 is known and CrFe is not, but we 
may not conclude from this that ^//crOs > -^^CrFe- 
If the heats of formation of oxides and fluorides are compared 
in the same way as we compare those of the oxides and chlorides, 
then we come to the conclusion that for the lower valencies 
oxide < ^^fluoride Certainly true, but that at higher valencies 
the reverse may be true. The difference AHflouruk oxide 
therefore be smaller the higher the valency. The energy increase 
in the reaction 

2CrFe 2CrF3 + SFg 

can very well be much smaller than that of the reaction 
2Cr03 >■ Cr303 4 " g O2 
even if -dZ/crPe happens to be greater than 

23. HYDROGEN COMPOUNDS 

The first element in the periodic system has such distinctive 
properties that it requires separate discussion. Hydrogen occupies 
a place in the periodic system immediately before the noble gas 
helium from which we conclude that hydrogen, just like other 
elements immediately preceding a noble gas, should be capable 
of taking up an electron and forming a monovalent negative ion 
in the same manner as a halogen. So far as the formation of 
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molecules is concerned there is indeed a strong analogy with the 
halogens, and hydrogen fits into the series Hg, Fg, Clg, Brg, I 2 . 
The tendency of hydrogen to form negative ions is most marked 
when it reacts with elements which can easily give up electrons 
and in fact, when alkali or alkaline earth metals are heated in 
hydrogen, hydrides are formed which are comparable with the 
halides. For example, the alkali hydrides have the same, crystal 
structure as the halides, and the fact that the electrolysis of molten 
LiH and CaHg produces hydrogen at the positive electrode shows 
that the H ion occurs as a negative ion in the hydrides. . 

The radius of the negative H ion can be calculated from the 
interionic distance of Li+ and H“, and is found to be as large as 
that of the F ion. (Pauling calculates a somewhat larger value 
for the H“ ion.) Applying the stabihty rules, therefore, we could 
conclude that the hydrides should be about as stable as the 
fluorides. If this conclusion were correct, more hydrides would 
be known and they would be less easily dissociated into metal and 
hydrogen. In point of fact, the crystal energies of the hydrides 
are of the same order as those of the corresponding fluorides, but 
tfie other quantities D and E which occur in the formula are very 
difierent from those of the halogens. 

The dissociation energy of the hydrogen molecule is consider¬ 
ably greater than that of fluorine whilst its electron affinity on the 
other hand is considerably smaller; we discussed earlier the reason 
for this small value. The hydrides as a group obey the general 
stability rules very well and the most stable are those of the alkali 
metals. If the charge increases, the stability decreases, mostly for 
elements with small ionic radii, with the result that there are no 
hydrides of Be and Mg in the second group of the periodic 
system. In the third group there are hydrides of lanthanum and 
the other rare earths, but none of B and Al, nor probably of Sc. 
These hydrides, however, contain less hydrogen than corresponds 
with the formula XH3*. In the fourth group there are no normal 

* The composition of lanthanum hydride is LaH2.8- This is a striking 
example of a chemical compound the composition of which changes with 
pressure and temperature. Such a compound probably ought to be regarded 
as a mixed crystal of the hydride with the metal, in the sense that a number 
of H- ions are replaced in the lattice by electrons. In the last ten years a 
number of such compounds have become known especially amongst the 
oxides. 
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hydrides of the type XH 4 at all, but there are some compounds 
known with a lower hydrogen content. 

Whilst hydrogen can be compared with the halogens^ it is also 
analogous in some respects to the alkali metals. In common with 
these it possesses one isolated valency electron, and therefore can 
form monovalent positive ions and compounds in which the 
existence of positive hydrogen ions can be assumed. In Table XX 
are given the heats of formation of twelve hydrogen compounds. 


Table XX, Heats of Formation of Hydrogen Compounds 
in kcal per Equivalent 


HF 

HQ 

HBr 

HI 

95 

22 

8‘5 

-6 

H 2 O 

HaS 

HaSe 

H^Te 

34 

2-5 

-8 

-17 

H 3 N 

H 3 P 

H 3 AS 

H 3 Sb 

5 

+2 

-14 

-11-5 


The heat of formation of HgSb does not fit into the scheme, but 
the heats of formation of this compound and of HgAs are not 
known accurately. 

When we now compare these compounds with the correspond¬ 
ing sodium ones, we find very large differences between them; 
the most striking being that, whereas the sodium compounds are 
all solid substances of low volatility, those of hydrogen are 
without exception very volatile. Water has the highest boiling 
point of them all, but even that is only 100°C. From the discussion 
in section 12 , we should hardly expect these particular compounds 
to be so volatile. The reason, however, is the unique structure 
of the H+ ion. When a hydrogen atom becomes a positive ion, it 
loses its one electron, and the H+ ion is simply a hydrogen nucleus 
or proton. We therefore have to deal with an ion without an 
electron cloud, and is the only example known of such an ion*. 
All other ions repel one another as soon as they come within a 

* Ions such as He^^, Li^+ etc have no existence in chemical compounds, 
for in ccmtact with other atoms they would immediately take up electrons as 
a result of their high ionization energies. 
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certain distance, due to their electron clouds. Hy¬ 
drogen, however, has nothing to prevent it coming 
much closer and actually penetrating the electron 
cloud of the negative ion, its final position being 
determined by the repulsion of the nucleus of the 
negative ion. 

In a molecule such as HCl the molecule is as it 
were an electron cloud in which there are two 


Figure 15 nuclei, one belonging to the Cl~ ion and the other 
to the ion. As can be seen from the diagram 
of two such molecules in Figure 15, there will be a much smaller 
attraction between them than between two molecules of NaCl 


shown in Figure 16. The HCl molecules obviously cannot form a 
lattice of the same type as NaCl unless the hydrogen nuclei are 
brought to the periphery of the Cl ion, which would require a 
large amount of energy. So for HCl a molecular lattice will be 
formed rather than a coordinated one. This will be accompanied 
by a small release of energy, resulting in a much smaller heat of 
sublimation than for NaCl, which explains the high volatility 
of hydrogen compounds. 

The influence of the penetration by the 
hydrogen ion on the volatility of compounds 
can be appreciated in another way. As long 
as the H+ ion is on the periphery of the Cl 
ion the molecule will in many respects 
resemble that of NaCl and have analogous ^ 
properties, but if the positive ion could 
penetrate so far into the molecule that it 
coincided with the nucleus of the Cl ion, we Figure 16 
would then have substantially an argon 
atom. Such a fictitious process would then increase the nuclear 
charge of the Cl ion by one; the actual HCl molecule therefore has 
properties intermediate between those of NaCl and an argon 
atom, and resembles the latter in its high volatility. The penetra¬ 
tion of the electron cloud by the hydrogen ion will naturally alter 
the electronic configuration of the negative ion so that there is 
actually no point in considering the HCl molecule as a combina¬ 
tion of two ions at all. 


■ 
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Penetration by the hydrogen ion certainly alters the character 
of an ionic compound, and there is much to be said for 
considering it as a homopolar compound, which will be dealt 
with in greater detail later, but treating HCl as a true homopolar 
compound unfortunately does not enable us to predict any of its 
properties. It is therefore still well worth while to deal with it on 
the basis of a distorted ionic structure, and to attempt to predict 
its properties in a qualitative manner. We can show that HCl 
always behaves as a normal ionic compound in its reactions 
with oxides, which we shall refer to again in section 26, the par¬ 
ticular properties of which are due to the smallness of the H+ ion. 

Hydrogen compounds containing a positive H+ ion provide 
one of the best examples of the use of the stability rules which 
have been derived for ionic compounds. Table XX gives the 
heats of formation, which decrease continuously as the size of the 
ion and its charge increase, HF having the largest value and HgSb 
the smallest. Further, without knowing the heats of formation we 
can show that the stability rules hold. Thus HF is a very stable 
compound, whilst HI is much less stable and dissociates into 
H 2 and I 2 at 400°C and 1 atmosphere. Again, water is a fairly 
stable compound and dissociates at 2,000®C into H 2 and O 2 . The 
dissociation of water cannot be compared directly with that of 
HF because there are no data on the dissociation of the latter at 
high temperatures, but it can be compared with ammonia which 
we would expect to show marked dissociation at much lower 
temperatures. 

In the manufacture of ammonia the temperature is not taken 
above 600°C because the equilibrium is then displaced towards 
the side of nitrogen and hydrogen. HgS is less stable than H 2 O 
because of the larger radius of the negative ion, whilst HgSe and 
HgTe are less stable still. PHg is less stable than NHs, while AsHs 
and SbHs decompose so easily that it is very difficult to prepare 
them in the pure state. The hydrogen compounds therefore obey 
the stability rules of the teteropolar compounds. 

As regards ionic dissociation, this will occur more easily the 
smaller the charge and the larger the radius so that HI will split 
most easily into ions whilst NH^ will be the most difficult. Ionic 
dissociation is a process requiring a large quantity of energy; it 
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is never observed in a pure substance, but is only detected when 
it is dissolved in a suitable solvent in which the ions formed 
combine with the molecules of the solvent thus compensating for 
a part of the ionization energy required. Easy dissociation of this 
group of compounds in water means that they behave as strong 
acids, and we come therefore to the conclusion, in complete 
agreement with experience, that HI is the strongest acid of the 
whole group. HF, because of the smaller radius of the F"* ion 
should therefore be a weaker acid, which in fact it is. This is not 
always sufficiently well realized and it is often assumed that be¬ 
cause HF attacks glass and metals strongly, it is therefore a strong 
acid. Of the compounds in the second colunrn, we know HgS to 
be a weak acid but yet it dissociates more easily into ions than 
H 2 O. The dissociation constants for the four chalcides are given 
in Table XXI while, by comparison, the dissociation constant of 
acetic acid is AT = 1*9 x 10“®. 

Table XXL Dissociation Constants of the Chalcides 


Substance 

H 2 O 

H^S 

HjSe 

H^Te 

Dis, Const. K 

l- 2 xl 0 -i« 

9-lxlO-® 

2 x 10 -* 

2 xl 0 -» 


The influence of the charge is clearly seen from the fact that 
HgS is a weak acid compared with HCl. As we have stated, the 
weakest acid is NH 3 ; that is, it has such a low tendency to split 
off H ions that the opposite phenomenon nearly always occurs 
and it takes up H ions to form the NH 4 ion. It will later be seen 
that this behaviour must be ascribed to the very strong attraction 
exerted by the tervalent negative nitrogen ion. 

A very good picture of the properties of hydrogen compounds 
can be obtained with the help of an electrostatic model, but we 
must be careful not to conclude that the hydrogen compounds 
are therefore all ionic in character. In addition to NHj there are 
two other nitrogen compounds, hydrazine H 2 NNH 2 and hydro- 
xylamine NHgOH, which have properties not fundamentally 
dissimilar from those of ammonia. It is not possible to devise a 
plausible electrostatic model for these compounds because of the 
bond between like atoms. Next to water there is also the compoimd 
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hydrogen peroxide HgOg, and a number of compounds with the 
composition HgS^ in which n can be as high as 5, and there is 
also the compound HgPPHg which is analogous to HgNNHg. 

Finally there are the hydrogen compounds of the fourth group 
CH 4 , SiH 4 and GeH 4 , for which no satisfactory picture is possible 
on the basis of either positive or negative hydrogen ions; in this 
group there are also many hydrogen compounds in which bonds 
between like atoms occur. There are also several remarkable 
hydrogen compounds of boron, for which no electrostatic models 
are possible. 
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CHAPTER V 


CHEMICAL REACTIONS 

24. REACTIONS BETWEEN ELEMENTS AND 

compounds: 

SUBSTITUTION BY NEGATIVE IONS 

We have already seen that the heat of formation of a halide is 
greater, the smaller the negative ion in the compound. It is obvious 
that if the heat of formation of a fluoride is greater than that of a 
chloride then by reacting fluorine with KCl the following reaction 
will occur 

2KC1 + F 2 2KF + CI 2 

The fluorine can be said to displace the chlorine from the com¬ 
pound, in the same way that chlorine displaces bromine or iodine 
2KI + CI 2 2KC1 + I 2 

We have therefore deduced from the formula for the heat of 
formation of ionic compounds the important rule that the 
halogens replace one another in the order F 2 , CI 2 , Br 2 , l 2 * There 
are no exceptions known to this rule. Fluorine displaces chlorine, 
bromine and iodine from all chlorides, bromides and iodides, 
while chlorine and bromine displace iodine from all iodides. We 
can expect the same substitution reactions to take place with the 
chalcogens O 2 , S, Se and Te and, since the heat of formation of the 
oxides is greater as a rule than that of the sulphides, the reaction 
2ZjiS “[”02 —^ 2ZnO -4“ 2S 

should take place. However, reactions of this simple type are 
rare, and one example is the slow oxidation of a solution of HjS 
according to the equation 

2H2S + 02->-2H20 + 2S 

In all such reactions, occurring at high temperatures, the 
sulphur produced is oxidized by excess of oxygen, so that we 


o 
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actually observe a different reaction in the oxidation of zinc 
sulphide, as follows 

2 ZnS + 3O2 -> 2 ZnO + 2SO2 

Whether sulphur as such is really formed in such reactions, when 
there is no excess of oxygen, has not been investigated closely; 
nor is it known whether selenium and tellurium are formed when 
sulphur reacts with selenides and tellurides. We know still less 
about the elements of the nitrogen group where we would expect 
phosphides of the type to react with nitrogen to give 

nitrides and phosphorus: neither is it known whether nitrogen 
and phosphorus, when reacted with arsenides and stibides, give 
arsenic and antimony. We shall see later that phosphides, arsenides 
and stibides can only be regarded as partial ionic compounds 
and we should not be surprised to find in these that the rule, 
derived for pure ionic compounds, no longer applies. 

Up to now we have only considered substitution of an element 
by another one in the same group, as for example Ig by CI2, 
CI2 by Fg, S by Og, P by Ng. We will now discuss what happens, 
when an electronegative element reacts with a compound. The 
stability of a compound decreases with increasing charge of the 
negative ion, so that a fluoride is more stable than the correspond¬ 
ing oxide, and the oxide more stable than the nitride. It is therefore 
to be expected, and is in fact observed, that chlorine will displace 
sulphur from sulphides while phosphides should react with sulphur 
to give sulphides and phosphorus, but too few examples of this 
last reaction are known to warrant general conclusions. 

We can construct the following diagram in which an arrow 
indicates that an element will replace the following one, where 
the charge of the positive ion is not small and the radius large. 

N O ^ F 

P ^ S ^ Cl 

As Se Br 

\ \ ^ 

Sb ^ Tc ^ I 
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The elements displace those to the left from compounds because 
they have a lower charge, and an element displaces the one below 
it because it has a smaller radius. If we now proceed further and 
inquire what reaction occurs between chlorine and an oxide, and 
vice versa, we cannot say exactly what will happen. Chlorine 
has the advantage of a smaller ionic charge while the oxygen has 
the smaller radius. In the reaction between oxygen and hydro¬ 
chloric acid 

O2 + 4 HC 1 2H2O + 2CI2 

a process actually used technically for the industrial manufacture 
of chlorine, we find that the reaction is not complete and that an 
equilibrium is established. We must consider the reactions 
between chlorine and oxides on the basis of the differences in 
heats of formation as for sulphides with oxides. The chlorides 
have the higher heat of formation per equivalent because of the 
greater electron affinity of the chlorine. As against this difference, 
which is constant for each pair of compounds per equivalent, the 
difference in crystal energies is large if the positive ion is small or 
highly charged, and small if it is not so. 

Now the heats of formation of the alkali chlorides are larger 
than those of the oxides, but WO3 has a much larger heat of 
formation than WClg. The difference between the two groups is 
clearly shown by the fact that alkali oxides (with the exception 
of LigO) give chlorides in a strongly exothermic reaction so that 
the oxide burns in chlorine, while WClg when it reacts with O2 
gives WOs also with the development of heat. 

If we replace chlorine by bromine then the equilibrium will be 
displaced to the side of HgO + Brg because the bromide is less 
stable than the chloride. The oxidation of a bromide by oxygen 
is therefore more complete than of the corresponding chloride 
and this is more marked with iodides where, in general, iodine 
is very easily replaced by oxygen; Allg for example reacts so easily 
with air or oxygen that the vapour can explode by the following 
reaction 

4AII3 + 3O2 2AI2O3 + 6I2 

Chlorine does not always react with oxides and, since nitrides are 
less stable than oxides, the reaction between chlorine and nitrides 
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will be more complete than with the oxides. In fact, nitrides with 
chlorine give chlorides and nitrogen, and chlorine displaces all 
negative elements from their compounds with the exception of 
oxygen and fluorine. 

Thus, oxygen displaces all elements with the exception of 
fluorine and chlorine, while fluorine displaces all negative elements 
from their compounds. The reactions between halogens and 
chalcides, or between chalcogens and halides, are not simple 
displacements since the element which is set free combines with an 
excess of the displacing element, as with oxygen and zinc sulphide. 
When fluorine reacts with a sulphide a metal fluoride and a 
fluoride of sulphur are produced, and chlorine with a sulphide 
gives sulphur chloride and a metal chloride. The reaction can be 
complicated by the formation of a complex between the two 
compounds which are formed, section 28 . Under these con¬ 
ditions it is no longer possible to determine whether a substitution 
reaction is taking place, as when BaS is heated to give BaS04: 

2 BaS + O2 2 BaO + 2 S 

2 S -f* SOg —y 2SO3 

2Ba0 + 2 S 03 2 BaS 04 

the final reaction being 

BaS + 2O2 BaS04 

The formation of complexes can so alter the heat effects that a 
change of sign will occur. Thus sulphur can react with oxides as in 
the following reaction 

4 BaO + 4 S -> BaS04 + 3 BaS + 151 kcal 
and is endothermic because of the formation of BaS04. 


25 . SUBSTITUTION BY POSITIVE IONS 

In the previous section substitution by negative ions was con¬ 
sidered, but similar phenomena also occur with positive ions. By 
the action of sodium on iron chloride, sodium chloride and iron 
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are obtained; and the following is a reaction of the same type 
Ha + CuO Cu + H2O 

These reactions are two examples of a process used for obtaining 
metals from oxides when the metal is said to be ‘reduced*. Since 
technical processes are concerned with production of the metal 
they are called reduction processes, overlooking the fact that 
hydrogen is oxidized during the reaction. Actually, they consist 
of the substitution of one positive ion in an oxide by another. 
From the stability rules it is possible to say which metals will 
displace a positive ion in any given compound. We must choose 
a reducing metal which has larger ions, or ions with a lower 
charge, than the positive ion to be reduced. There are, however, 
some exceptions; the alkali metals do not reduce the oxides of 
Mg, Ca, Sr and Ba, the latter having larger heats of formation 
than those of the alkali oxides. 

The difference in charge plays the biggest part, so that the alkali 
and alkaline earth metals are the most powerful in reducing all 
high valency metal compounds to their metals. Of the alkali metals 
sodium is frequently used to produce the metals V, Ta, Ti, Zr, Th 
etc from their chlorides. Hydrogen is less powerful for the purpose, 
because the ionic radius of this element is small, the dissociation 
energy of the Ha molecule large and its electron aflSnity very small 
^ indeed. Hydrogen, therefore, will reduce the less stable compounds 
containing highly charged ions such as WOs, WClg or those which 
do not contain a noble gas ion, such as the compounds with 
elements of the subgroups.* 

The compounds of elements of the first three columns of the 
periodic system are not reduced by hydrogen, and those in the 
subsequent columns only partly so. At high temperatures TiCl4 
is easily reduced to TiCl*, but the reaction proceeds no farther 
because the charge of the titanium ion is reduqed. Further compli- 

* Exceptions to the general reduction scheme given above do sometimes 
occur; thus sodium results from the heating of sodium carbonate with iron 
powder. The basic reaction is 

NaaO 4- Fe FeO + 2Na 

which takes place because sodium escapes as a vapour in this reaction with 
the result that the equilibrium is displaced to the right of the equation. 
Whenever reactions take place with the formation of gaseous products, the 
change of entropy may act against the energy change. 
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cations can occur in the reaction of a metal with a compound 
if the two metals can combine to give a compound. In such 
instances the reaction will proceed in quite a diiOFerent way from 
that expected from the stability rules. Because of the different 
heats of formation of halides and chalcides it can happen that 
a given element, for example Na, can reduce a chloride but not 
an oxide. 

CaO + 2 K -> Ca + KgO —66 kcal 
CaCla + 2 K ^ Ca + 2 KC 1 + 17 kcal 
It is surprising that a non-metallic element can sometimes act 
as a reducing agent; iodine has a relatively large affinity for 
fluorine and chlorine. When iodine reacts with a chloride that can 
give up a part of its chlorine easily, as for example VCI4, a chloride 
of lower valency ICl is formed as follows 

2VCI4 + I2 2VCI3 + 2 IC 1 

If we wish to consider ICl as an ionic compound, then iodine 
must function as a positive ion; in fact this reaction is no different 
from those with hydrogen, a non-metallic element which can also 
produce positive ions. 


26 . DOUBLE DECOMPOSITIONS 

The stability rules can also provide information as to what will 
happen when two compounds react together. As a first example 
we will take the type of reaction in which both reacting compounds 
consist of ions, all of which have the same charge. 

If two compounds AB and CD react with one another, then we 
have four kinds of ions and the question arises which combination, 
AB + CD, or AD + CB, will have the lowest energy, the energies 
concerned naturally depending on the ionic radii. Let us call the 
radii of the two positive ions a and c, and those of the negatives 
b and d. The energy of the combination AB + CD is equal to 
the negative value of the heat of formation of AB plus that of 
CD, and the energy of the system AD + CB is similarly equal to 
the negative value of the heat of formation of AD plus that of CB, 
The reaction 


AB -1- CD AD + CB 
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will therefore proceed in the direction indicated if the energy of 
the first pair is greater than that of the second. Since S, D, E and I 
all disappear from the equation, the necessary condition for the 
reaction is 


/ NAe^ NAe^ \ / NAe ^ NAe^ \ 

\^a + c + d) ^ \a c + b) 

If all the compounds have the same crystal structure then the 
differences in the Madelung constants can be neglected and we 
can therefore write 

1 ___ 

{a + b) (c d) (a + d) {c + b) 
or 

(a + b) (c + d) > (a + d) {c + b) 

or 

ad bo ab + dc 


or 

(a — c) (d—b )>0 


The condition is therefore | ^ ^ ^ or i ^ ^ 

[d> b [d<b 

The reaction will therefore proceed so that the smallest ions com¬ 
bine to form one compound, and the larger to form another. 
These double decompositions have been very fully investigated 
for the alkali halides and it is found that the reaction always 
proceeds so that the smallest ions combine; as for example the 
following 

Lil + NaCl LiCl + Nal 


Another reaction of this type we would expect is 
MgTe + BaO —> MgO + BaTe 

but such reactions have not as yet been investigated to any extent. 

In reactions in which compounds of the subgroup elements 
take part, such a simple treatment is no longer applicable. AgF 
and KCl react to give AgCl and KF, and here the smaller 
positive ion combines with the larger negative one. The crystal 
energy of AgF and AgCl is affected by the extra field of the Ag+ 
ions and simple rules for the way in which the reaction proceeds 
cannot be found. 
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In most reactions between compounds the charges of the ions 
will not be equal and we have immediately a much more compli¬ 
cated state of affairs, because now we have to deal with the 
influence of the radii as well as that of the charges. As a first 
example, let us take the reaction 

PClfi + 5KF -> PF 5 + 5KC1 

in which only the negative ions differ in size. The general form is 

pAB„ + nCDp pAD„ + 

Now if «is much greater than p, or the charge of the first positive 
ion is much greater than that of the second, then we shall always 
have a < c/m which a is the radius of the ion A and c that of 
the C ion. The energy terms which determine the crystal energy are 

pEn nE^ pE„ nEp 
CL “f“ b ^ CL “1“ d ^ c “1“ d ^ c “1” b 
in which = NA^ It is here assumed that the compounds 
AB„ and AD„, and also CD^ and CB^ have the same crystal 
structures. Now if « > p, then —p£’„ < —nEp because E^ has 
the order of magnitude rP^E, If now we put nEpIpE^ = a, then a 
is always < 1. The necessary condition for the reaction to proceed 
in the direction given is 

1 ^ ^ ^ ® 
ab c + d^ ad c + b 

which is satisfied if 

_L-> af J_ L.) 

a + d a + b °^\c + c/ c + b) 
or 

_ b-d ^ ^ b-d 

{a + d) {a + b)^ ^ {c + d) {c + b) 
or, since d is smaller than b in the example chosen, 

_1_ > a_^_ 

(a + <f) (a + b) (c + if) (c + b) 

which is correct since 

(c + d) {c + b)> a (fl + O (a + 
because c> a and a < I. 
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Only if the difference in charges becomes smaller can c be greater 
than a and a nearly unity so that the reaction will proceed 
in the reverse direction. This means that the difference in radii 
of the positive ions overcomes the effect of their charge, a state 
of affairs which occurs infrequently. 

In reactions in which both positive ions have high charges, 
exceptions occur as for example 

3CCI4 + 4AII3 3CI4 + 4 Aia 3 
where, because AP'^ has a lower charge and a larger ionic radius 
than it combines with the smaller Cl~ ion. This could be 
brought about if the a of this reaction is greater than unity, that 
is if the energy of the C compounds is abnormally low, which is 
conceivable if the Cl“ ions no longer touch the small atom. 
It is worthy of note that here the heat of formation of the carbon 
compounds would be so small that they would be incapable of 
existence. We come therefore to the inevitable conclusion that 
some of the compounds taking part in the reaction are not ionic; 
in this reaction the non-ionic compounds are those of carbon. The 
differences between chlorides and bromides or iodides in non-ionic 
compounds are much smaller than in ionic ones, and in fact may 
be neglected in a first approximation. In the reaction 
3CCI4 + 4AII3 3CI4 + 4AICI3 
the heat effect is practically determined by the ionic aluminium 
compounds. The reaction proceeds in the direction to form a 
compound (AICI3) with high heat of formation. 

In what has been said above it was assumed that the charges of 
the positive ions were different. An example of a reaction, in which 
the negative ions have different charges, is the following 
KgS -b 2 LiCl -> LigS + 2 KC 1 

which we might surmise would take place in the direction indi¬ 
cated. Such a reaction comes within the same general scheme, 
except that now A and C are negative ions. Here the difference in 
radii is not large, and the smaller positive ion combines with the 
negative with the greater charge. 

Lastly, we must consider the reaction in which the charges of 
both kinds of ions are different The reaction 

2PCI5 + SHaO ^ PaOfi + 10 HQ 
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is a good example and we shall meet many others of the same 
kind. If PCI5 and HgO react, the highly charged phosphorus ions 
must combine with the highly charged negative ions to give an 
oxide and HCl. If we allow a chloride such as NaCl to react with 
water then there is no reason whatever why oxygen ions should 
choose the sodium rather than the hydrogen ion; and in fact since 
the H ion is smaller, this will certainly combine with the highly 
charged negative oxygen. If we bring together NagO and HCl, the 
highly charged negative ion will combine with the smaller positive 
ion and the following reaction will take place 

NaaO + 2 HC 1 2 NaCl + H^O 
Now let us consider MgO instead of NaaO, where the oxygen ion 
has the choice of combining with the very small H ion with a 
single charge, or with the Mg ion with double the charge. We 
know that this reaction proceeds thus 

MgO + 2 HC 1 MgCl2 + H2O 
but not to completion; and it can easily proceed in the reverse 
direction. In other words MgClg is partly hydrolysed by an excess 
of water. If the charge of the positive ion is still greater, the 
oxygen will tend to combine with it. The reaction 
AI2O3 + 6 HC 1 2AICI3 + 3H2O 
does not proceed to completion; that is, if AICI3 is brought into 
contact with water then it is strongly hydrolysed. If now the 
charge of the positive ion is raised still further, then the following 
reaction proceeds almost to completion 

SiCl4 + 2H2O SiOa + 4 HC 1 
These reactions can be collected together in the following scheme 

NagO + 2 HC 1 - 2 NaCl + H2O 

MgO + 2 HC 1 MgClg + H2O 

AI2O3 + 6 HC 1 -7 - 2AICI3 + 3H2O 

SiOa + 4 HCl-«-SiCl* + 2 HaO 

The way in which such reactions proceed is not usually at¬ 
tributed to the effect of the charge and the radii of the ions, and 
instead it is said that SiC^ is hydrolysed by water because it is 
a chloride of a non-metallic element. The fact that SnCl4 is a 
chloride of a metallic element and is hydrolysed easily is b€«:ausc 
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the Sn ion, like the Si ion, has a high charge. Besides SnCl4, the 
following chlorides CbClg, TaClg, MoClg, WClg, SbClg as well 
as the corresponding fluorides and bromides of these elements, 
in so far as they are known, react strongly with water and form 
oxides or hydroxides, although they are all halides of metals. 

The following reaction 

NagO + 2 HC 1 -> 2 NaCl + HgO 

is said to take place because HCl is an acid and NagO is a basic 
oxide, while SiOg with HCl does not give SiCl4 because Si02 is 
not a base-forming oxide. If we follow this line of argument 
farther, we must then explain why Na20 is a base-forming oxide 
and Si02 is not. In fact there is no need to introduce the acid- and 
base-forming conception at all, and the phenomena can be com¬ 
prehended on the basis of the charge and radius of each ion. Later 
we shall return to the question of acids and bases, and show that 
acid- and base-forming behaviour is to a large extent dependent 
on these two factors. It would amount to the same thing, if we 
explained the reaction between HCl and an oxide by saying that 
NagO is base-forming, or that Na+ is a large ion of low charge. 

When NaF reacts with gaseous HCl, NaCl and HF are pro¬ 
duced; using the normal terminology, we can say that the strong 
acid HCl drives HF from its salts, but such a description of the 
process is unnecessary because in the reaction between NaF and 
HCl the smallest ions combine, giving HF and NaCl. If we stick 
to the old terminology, then the answer to the question why HCl 
is a stronger acid than HF is because > rp. 

It is frequently found that a stronger acid does not replace a 
weaker one in its salts, as in the reaction 

SHF + PCI5 PFfi + 5 HC 1 

Here the smaller negative ion, the F ion, has the choice of com¬ 
bining with the H+ ion or with the highly charged P*^^ ion. The 
latter outweighs the influence of the small radius of the H ion, 
and therefore, in the reaction of HF on a chloride containing 
highly charged positive ions, the corresponding flouride is formed 
and the weaker HF replaces the stronger HCl; but to say that PCI5 
is not a salt has no meaning, and further there is no reason why 
the compound ThClt should not be called a salt. It is a solid 
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substance, easily soluble in water without undergoing hydrolysis, 
and is derived from a typical metallic element; yet it forms ThF4 
with HF. So we see that a strong acid only displaces a weaker one 
from the salt of an element containing large ions of low charge. 

The rules that we have derived apply to most of the reactions 
in inorganic chemistry, but complications can occur. In the first 
place it must be remembered that the heat of reaction is often 
small, causing a reverse reaction at high temperatures and there¬ 
fore an equilibrium. Theoretically every reaction can be con¬ 
sidered as an equilibrium reaction, that is the concentration of 
none of the components can ever be zero. If one of the components 
is in excess, then the reaction can always proceed in the reverse 
direction. We would expect LiCl and water to be formed from 
LigO and HCl, but if LiCl is heated in a stream of steam, then a 
trace of HCl will occur in the vapour phase at equilibrium. When, 
however, the HCl is continuously removed by the steam, there will 
be some dissociation of LiCl into LigO. This reaction theory based 
on ionic charges and radii is only valid for solids at low tempera¬ 
tures, and if none of the components is present in great excess. 

Double decomposition reactions are more important in prepara¬ 
tive chemistry than substitution reactions. If one element displaces 
another from a compound, then the resulting compound will 
naturally be more stable. We do not often prepare chlorides from 
iodides, or oxides from sulphides, because the chlorides and the 
oxides can be made more readily than iodides or sulphides. When, 
however, the sulphide occurs as a mineral, the replacement of 
sulphur by oxygen is used extensively in the so-called ‘roasting’ of 
sulphides. The replacement of one metal by another is of the 
greatest importance in the technical preparation of metals, but 
the compounds obtained in such processes are mainly the oxide 
or chloride of hydrogen, or of the alkali or alkaline earth metals. 
Double decomposition reactions, however, give compounds which 
cannot be prepared in any other way. A number of reactions 
which proceed abnormally are important in this respect. The 
halides of the platinum group can scarcely be considered as ionic’ 
compounds. If therefore PtCl4 is added to KI in solution, then 
the heat of reaction will be determined by the difference in the 
heats of formation between KCl and KI. KCl is formed as well 
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as the iodide of platinum. The iodides of those elements which 
cannot be prepared by the direct action of iodine on the metal can 
thus be produced in this way because the iodides are almost in¬ 
soluble in water. As by far the greatest number of double de¬ 
compositions are carried out in aqueous solution, the rules we 
have considered in this section do not apply exactly because of 
the effect of hydration of the ions, section 44 . 

It is interesting to note that qualitative analysis depends very 
largely on such reactions. By the addition of HCl in the first, and 
HgS in the second group, chlorides and sulphides of the subgroup 
elements are precipitated. Sulphur and chlorine apparently have a 
tendency to combine with ions of the 18 -electron configuration, 
or with ions having abnormal valencies c.g. PbS. The reason for 
this behaviour must be attributed in the first place to the extra 
field of the subgroup ions, section 21, but in addition there are 
strong polarization effects when subgroup ions combine with 
strong polarizable negative ions such as Cl“, Br~, I”, 8^“, Se^~ 
and Te^-, section 36 . 


27 . REACTIONS WITH CHANGE OF VALENCY: 
OXIDATION AND REDUCTION 

In the double decompositions just considered, the valencies of 
the reacting atoms remained unchanged. This is not always so, 
and it can happen that a reaction leads to formation of an unstable 
compound which decomposes with a valency change to a lower 
value. If KI is added to CuClg then the reaction is 
2 KI + CuCla ^ 2 KC 1 + Cula* 

However, Culg is unstable and decomposes into Cul and iodine 
and the complete reaction is therefore 

4 KI -f 2CuCl2 4 KC 1 + 2 CuI + I2 
If the reaction takes place in aqueous solution, then it can be 
written as an ionic one in which the K+, Cl”" and a part of the I"“ 
ions remain unchanged so that the ionic reaction is 

2Cu2+ + 2I-’->2Cu+ + l2 

♦ This ionic reaction is an abnormal one because the ion does not 
possess a noble gas structure. 
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in which an electron is transferred from the iodine to the copper 
ion. Reactions of this kind involving such an electron transfer 
are very common, and are to be expected if positive ions which 
can accept electrons easily come into contact with negative ions 
which can lose them easily. 

Positive ions can take up electrons easily if the ionization energy 
is very high. This will occur for highly charged or small positive 
ions and for those which have a high ionization energy as a result 
of a particular structure. Iodine is amongst the negative ions which 
easily give up loose electrons, but negative divalent and tervalent 
ions will do so still more easily. In the same way the S^“ gives up 
electrons in a number of reactions and changes into sulphur. If 
H 2 S is led into a solution of FeClg the reaction 

3 K 2 S + 2FeCl3-> Fe2S3 + 6KC1 
does not take place, but instead FeS, KCl and S are obtained as a 
result of the transfer of an electron from the to the Fe^^ ion 
as follows 

2Fe3+ + S2- -> 2Fe2+ + S 

This electron transfer is even more general with highly charged 
positive ions; thus if CrOg containing a hexavalent Cr ion reacts 
with HgS, sulphur and an oxide of chromium are formed according 
to the equation 

2Cr03 + 3 H 2 S Cr203 + 3 H 2 O + 3S 
in which the following electron transfer takes place 
2Cr6+ + 3S2- 2Cr3+ + 3S 

It will be obvious that the energy change in such a reaction is not 
completely determined by the electron transfer, but will also be 
dependent on the energy of each of the reaction products, deter¬ 
mined by the charge and radii of the ions. Since solid sulphur is 
formed in the reaction, the energy which is released in its forma¬ 
tion from the atoms must be taken into account, and further in 
aqueous solution the hydration energy must be included. Iodine 
ions, and also bromine and chlorine ions, can lose their charge 
to a ion thus 

2Cr03 + 12HC1 2CrCl3 + 6 H 2 O + 3 CI 2 
2Cr«+ + 6C1- -> 2Cr3+ + 3Cl2 
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The tervalent ions of the nitrogen group lose their charge so easily 
that even monovalent Ag+ ions will discharge them as a result 
of their 18-electron configuration. If AsHg is added to a silver 
salt a black precipitate of a mixture of silver and arsenic is 
obtained; the electron discharge reaction being 

SAg"^ -f As®- —3Ag + As 
while the total reaction can be represented in 

SAgNOa + AsHa 3 HNO 3 + 3Ag + As 

As Ag and As are formed in this reaction in the proportions in 
which they occur in the compound AggAs, the precipitate was 
easily mistaken for a compound and the question of compound 
formation remained unresolved until the development of x-ray 
analysis. In those instances where a mixture is still formed it is 
possible, however, to consider that the compound is first formed 
and subsequently decomposes 

Agg As®- —> 3Ag + As 

This representation is not essentially different from the earlier 
one; if we say that AggAs is so unstable that it decomposes into 
its elements, then this is really the same as saying Ag+ ions accept 
electrons from the As®- ions. The number of such reactions can 
easily be extended further. We will consider two exceptional 
examples, wherein two ions of the same element react together 
with mutual loss of charge; thus 

SO 2 + 2 H 2 S 2 H 2 O + 3S 
corresponds with the electron transfer 

S44- + 2S2- 3S 

and the other example 

2NH3 + N2O3 2N2 + 3H2O 
corresponding to the electron reaction 

N®+ + N®- N 2 

The latter usually takes the form of a reaction between two 
complex ions 

NH^- + NO2 Ng + 2H2O 

which occurs when NH4CI and KNOg react together in hot 
solution. In organic chemistry this is known as the Piria reaction 
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in which HNO 2 reacts with primary amines. The last two reactions 
are almost certainly not purely ionic in character, since SO 2 , 
H 2 S, NH 3 and N 2 O 3 are certainly not purely ionic compounds. 
In the reaction 

H 2 S + 2FeCIs 2HC1 + 2 FeCl 2 + S 
HgS undergoes the same change as it does when reacting with 
oxygen. This reaction 

2H2S + 02-^2H20 + 2S 

is usually described as an oxidation of HgS to S. As a matter of 
fact, the earlier conception of oxidation has now been very 
considerably broadened, in that removal of hydrogen is similar 
to addition of oxygen. 

Iron, which is oxidized by oxygen to FegOg, is equally well 
reduced by hydrogen, so that removal of hydrogen can be asso¬ 
ciated with the taking up of oxygen, called oxidation. This is the 
sense in which the expression oxidation is frequently used in 
organic chemistry, an example being the production of an 
aldehyde from an alcohol, in which two hydrogen atoms are 
withdrawn from the alcohol. Every substance, with which this 
process can be carried out, is called an oxidizing agent, and 
chlorine must be included in this category. This leads to the 
description of the reaction of a metal with chlorine as an oxida¬ 
tion. To what extent is this broadening of the oxidation idea 
reasonable? If we regard the reaction of calcium with oxygen as 
involving an electron transfer, the metal changes over to an ionic 
state and two electrons are given up by each atom of the metal. 
The same reaction occurs by the action of chlorine, fluorine, 
bromine, iodine, sulphur etc. It is therefore reasonable to regard 
the removal of electrons as the basis of an oxidation process, and 
to call all such processes oxidations and, further, to regard 
those processes in which electrons are taken up as reductions. 
Thus in the reaction 

Ca + CI 2 CaCl 2 

calcium is oxidized by chlorine, which itself is reduced, since 
the calcium loses electrons which the chlorine accepts. In this way 
all processes involving change of valency would come within an 
oxidation/reduction reaction scheme. Thus in the reaction 
2FeCl3 + H 2 S 2FeCl2 + S + 2HC1 
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the ion is reduced to the Fe^'*' ion, and the 8 ^“ ion is oxidized 
to sulphur. Many other reactions can be included under this 
definition of oxidation and reduction. The solution of a metal in 
a dilute acid can be represented simply as follows 

2M + 2H+->2M+ + H2 

Here the metal gives up two electrons to the hydrogen ions, and 
the fact that these ions are not present as free protons but combine 
with water as H 3 O+ ions does not alter the picture. The metal is 
thus oxidized to ions and the hydrogen ions are reduced to free 
hydrogen. Again it must be borne in mind that in these processes 
the energy is not determined by the electron transfer alone. The 
heat of reaction of 

2Na + 2HC1 2NaCl + Hg 

is not equivalent to the ionization energy of the sodium less that 
of the hydrogen, and the correct value for the heat of reaction AH 
must be obtained from 

AH = -i'N. + -/Na + /h + 


[Na] H 

h(H+)- 

'^Na 

-~>Na H 

hH+ 

-AH 



^Na 


(Na+) - 

-iH* - 

— //Na + 

■“i^Ha 

— Na+ ~| 

- H 


In this cycle H is the hydration energy, S the heat of sublimation, 
/ the ionization energy, D the dissociation energy; the square 
brackets indicate that the metal is present in the solid state, and 
the round brackets that the ion is hydrated. 

From the fact that silver does not dissolve in dilute acid we 
must conclude that the electron cannot be taken up by the 
hydrogen ion because of the high ionization energy of the silver. 
Gold is naturally less soluble in dilute acids, but it does dissolve 
in chlorine water, because chlorine with its large electron aflSnity 
can extract electrons from noble metals, so that free chlorine has 
stronger oxidizing power than hydrogen ions. 


11 
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Silver dissolves easily in dilute nitric acid in which the NO 3 
ion is the oxidizing agent. From the structure of this ion we 
assume that just as in N 2 O 5 , from which it can be derived, there 
is a pentavalent nitrogen ion with three normal oxygen ions, 
corresponding to the structural formula It is therefore 

the pentavalent nitrogen ion that has the oxidizing properties and 
accepts an electron from the silver, thereby changing from 
NO 3 into NOa” (N^^Og”), which then dissociates into 

NO 2 and 0^"“. The scheme of the reaction is therefore 

Ag + NO 3 Ag+ + NO 5 - 

NO^ ->02“ +NO 2 

2H+ + 02- -> H 2 O 

Ai + 2H+ + NOi -> Ag+ + H 2 O + NO~ 

It is to be noted that the oxidizing power of nitric acid is 
not due to its oxygen content, but to the presence of an 
unstable positive ion. In this connection it is quite well known 
that Ag 20 is a strong oxidizing agent while WO3 with more 
oxygen in the molecule is not. The power of an oxide as an 
oxidizing agent depends upon its stability, and if this is large then 
it does not change easily to an oxide with lower valency and 
consequently has no oxidizing effect. An unstable oxide can de¬ 
compose spontaneously, thereby causing transfer of the electrons 
in the oxygen ions to the positive ion, and production of oxygen 
molecules 

2Ag2+02- -> 4Ag + O 2 

If, however, the oxide is in contact with particles which give up 
electrons more easily than the oxygen ions, then they will lose 
electrons. In this way N 2 O 6 can take electrons from S^- to give 
either free sulphur or the ions which change into ions. 
HgS, S and SO 2 are therefore oxidized by NaOg but the oxygen 
ions play no important part in the process, the transfer occurring 
between the positive ions. The reaction can be shown as 

N205 + S02->2N02 + S08 

but the essential reaction is 


2N»+ + 2N4+ + S«+ 
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It is known that potassium permanganate reacts with HgOg in 
acid solution, thus 

2 KMn 04 + 3H2S04 + 5H202->.2MnS04 + K 2 SO 4 + 5 O 2 + 8 H 2 O 
for which the basic reaction is 

2MnO; + 6H+ + 5 H 2 O 2 -> 2Mn2+ + 50^ + 8 H 2 O 

since the SO^", and part of the ions are unchanged in the 
reaction. In this particular reaction it is frequently assumed that 
an oxygen atom of the permanganate ion combines with an oxygen 
atom of H 2 O 2 to give a molecule of oxygen so that half of the 
oxygen produced in the reaction comes from the H 2 O 2 . If we 
regard the process as an electron transfer, then obviously the 
oxygen would play no part in it. The Mn^*^ ion takes electrons 
from the H 2 O 2 which then decomposes into H+ ions apd Og. In 
H 2 O 2 we can assume the existence of Ol~ ions and thus regard it 
as a weak acid, so that the whole process can be expressed in 

2Mn7+ + 50|--> 2Mn2+ + 5 O 2 

in which all the oxygen will come from the HgOg. Now it is 
possible to show that this is so in the following manner. Let us 
suppose that instead of using H 2 O 2 we use the same compound 
but with the oxygen atoms in the molecule replaced by those of a 
radioactive oxygen isotope or by an isotope with an atomic 
weight of eighteen. The oxygen produced in the reaction can then 
be analysed to find whether it contains all the radioactive or heavy 
oxygen, or only half of it. If it is found to consist entirely of the 
heavy oxygen then the reaction as shown above is correct, and 
provides further proof that the newer conceptions of oxidation 
processes are to be preferred to the older ones at any rate for ionic 
compounds. The description of oxidation as an electron transfer 
process is very convenient for ionic compounds but loses its 
meaning for covalent ones. Thus one cannot define the reaction 

C2H2 + 2H2 = C 2 He 

as oxidation or reduction. On the other hand it is easy to see that 
in the reaction 

2Li + H 2 == 2LiH 
lithium is oxidized by hydrogen. 
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COMPLEX COMPOUNDS 

28. DEVELOPMENT OF THE IDEA OF COMPLEXES 

In discussing ammonia we met the phenomenon that a molecule 
NHj and an ion H+ can combine to form another ion NHJ and, 
since the new ion is formed from a number of ions, it can be called 
a complex ion. It follows that such a complex ion can only occur 
in compounds with one or more ions of opposite charge, so 
that the sum of the charges is zero. A compound containing a 
complex ion is called a complex compound, for example NH^Cl 
and (NH 4 ) 2 S 04 . 

Disregarding the nature of the reaction and considering only 
the end product, the process 

NH3 + HC1->NH4C1 

can be considered as one in which a saturated compound is formed 
by the reaction of two others. Now the reaction 

NH3 + HCl NH4CI 

is clearly of the same type as 

MgO + SO 3 -> MgS 04 

the only differences being that in the former the ions are mono- 
and tervalent, whilst in the latter they are bi- and hexavalent, and 
the charges are of different signs. In the latter reaction also the 
complex ion SC^“ is formed by the combination of an oxygen 
ion with a molecule of SO3. 

Such compounds are not usually considered to be complexes 
but the examples which follow will show that this view is mis¬ 
leading when looking at chemistry as a whole. By analogy 
between MgO -t- SOs and KF -f BF 3 , we would almost certainly 
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expect the reaction 

KF + BF3-^KBF4 

which is known to take place. KBF4 is considered in many chemical 
textbooks as a complex compound, just like KaSiFg and KaPtCl® 
which are produced in the following reactions: 

2KF +SiF4 --^KgSiFe 
2KCl + PtCl4->K2PtCle 

We can now discuss the reasons for making this distinction 
between complex and other compounds. KBF4 is called a com¬ 
plex, and MgS04 a normal compound or an oxygen salt, simply 
because a structural formula 




can be constructed. This is not possible for KBF4, because fluorine 
is monovalent and there is no means of coupling the potassium to 
the boron by way of the fluorine atoms. The question, however, 
arises as to how far structural formulae of this kind have any real 
significance, and whether there is any reason to make a sharp 
distinction between KBF4 and MgS04. 

In fact such structural formulae have no meaning at all, for the 
reason that oxygen salts such as MgS04, CaCOg, K2SO4, 
Ca3(P04)2 etc are only known in the solid state or in solution. 
They mostly decompose rather than sublime and, even when 
they do exist as molecules in the vapour state, little or nothing 
is known regarding their size or shape. In solution they dis¬ 
sociate into ions, and we can say even less about them as 
molecules in solution. We have therefore to confine ourselves to 
consideration of the solid state, where it is known that oxygen 
salts form coordination structures in the same way as the simpler 
ionic compounds, such as CaO and KgO, but are somewhat more 
complicated because of the larger number of atoms present in 
the lattice. 

If the oxygen in CaO is replaced by the group then 

essentially the lattice of CaCOg is obtained. It is not exactly the 
same, as the shape of the COf' is different from that of the O®"" 
ion, but each COa ion is still surrounded by six Ca ions and 
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consequently there is no basis whatever for employing the formula 



C—O 


We can no more distinguish molecules of CaCOs as such in the 
structure, than molecules of CaO in calcium oxide, and in fact 
the lattice is built up of the ions Ca^'*' and CO 3 ". 



The structures of 
complex compounds 
not containing oxy¬ 
gen are very 
similar to those 
of the oxygen 
salts. If the 
oxygen in KgO 
is replaced by 
the group 
PtCle, the 
compound 
KaPtClg is ob- 
t ain e d in 
which the 
PtClg ion oc¬ 
curs as a sep¬ 
arate entity 


Table XXII 


Compound 

Approximate 
axial ratios 

KBF 4 

0-79 :1 ; 1-28 

BaS 04 

0-81 : 1 : 1-31 

BaCr 04 

0-82 ; 1 : 1-32 

BaSe 04 

0-81 :1 : 1-31 

Ka 04 

0-78:3: 1-28 

KMn 04 

0-80: 1 : 1-30 

(NH4) M11O4 

0-82 : 1 : 1-32 


surrounded by eight K ions, 
Figure 17. The analogy be¬ 
tween oxygen salts and other 
complex compounds is very 
well demonstrated by ex¬ 
amples taken from both 
groups, which often have 
precisely the same structures. 
Thus, for example, KCIO4 
containing the complex ion 
ClOj has the same structure 
as OF 4 , containing the BF^ 
complex ion. Many com- 
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pounds of this kind often have very complicated structures. One 
of these groups is given in Table XXII, These compounds all 
crystallize in the rhombic 
system, and the structural 
similarity is apparent from 
the closeness of the crys¬ 
tallographic axial ratios. In 
the subsequent table are 
given further examples of such 
groups of compounds with 
the same crystal structure, in 
which complexes and ‘normal’ 
compounds both occur to¬ 
gether. Here again, the struc¬ 
tural similarity is apparent 
from the values of the crystal¬ 
lographic ratios. 

TableXXIV contains a num¬ 
ber of compounds having the structure shown in Figure 18, 
which indicates the relationship to the true coordinated 

structure. The Ti ion occupies the 
centre position, surrounded by six 
negative oxygen ions, which are again 
surrounded by eight positive calcium 
ions. This group is named the Perow- 
skite group corresponding to the 
mineral CaTiOa. In this group the 
central ion can be bivalent (Mg, Ni, 
Zn), tervalent (Ga, Al, Mn), tetravalent 
(Sn, Zr, Ti) or pentavalent (Cb). 

Table XXIV. Compounds of the Perowskite Type 



Table XXIII 


Compound 

Axial ratios 

K 2 BeF 4 

0-57 

1 

0-74 

KaZnCli 

0-58 

1 

0-72 

Cs 2 HgBr 4 

0-57 

1 

0-74 

K 2 SO 4 

0-57 

1 

0-74 

Rb 2 S 04 

0-57 

1 

0-75 

K 2 Cr 04 

0-57 

1 

0-73 

K 2 Mn 04 

0-57 

1 

0-74 

K 2 M 0 S 4 

0-57 

1 

0-76 

(NH 4 ) 2 WS 4 

0-57 

1 

0-78 

K 2 WS 4 

0-57 

: 1 

0.75 


CaTiOg 

RblOg 

CaSnOg 

LaGaOa 

SrTiOg 

NaCbOg 

FeMnOg 

KMgFg 

BaTiOg 

KCbOg 

YAlOg 

KNiFg 

KlOg 

CaZrOg 

LaAlOg 

KZnFg 


109 




COMPLEX COMPOUNDS 

Another important group contains the spinels, named after the 
mineral MgAl 204 . The compounds of the fourth and fifth 
columns are generally written with the formula FcaOi, C 03 S 4 etc. 

Table XXV. The Spinel Group 


LiaBeF^ 

AgjWO^ 

K2Zn(CN)4 

Fe2Fe04 

C02C0S4 

Li^SO* 

AljMgO* 

K3Cd(CN)4 

C02C0O4 

Ni2NiS4 

Li 23 VIoO^ 

Al2Zn04 

K3Hg(CN)4 


Fe2FeS4 


All these examples show quite clearly that there is no essential 
distinction to be made between oxygen and sulphur salts on the 
one hand, and halogen complexes on the other. 


29 . COORDINATION NUMBERS OF COMPLEX 

IONS 

At first sight there appears to be nothing systematic about the 
formation of complex ions. Some are formed by reaction with 
oxygen ions, as for example: 

SO 3 + o2--^so^* 

N3O5+ 0»--»2N0i 
01307+ 0*-->2C10i 
PjOg + 30 »- -► 2 PO^ 

TeOj + 30 *- -> TeO|“ 

whilst many complex ions are formed from fluorides, as: 

BF,+ F- ->BFI 
SiF4 + 2F- -►SiF^ 

PF3+ F- ^PF; 

* In the formulae for complex ions the index at the top right hand comer 
corresponds to the total charge of the ion, and not to the charge of the 
negative ion. If we wish to express the charges of the individual ions, then the 
formulae would have to be written or N® +Og”. From such formulae 

the total charge can be derived, but if it is necessary to express it, the ions 
can be written: + etc. 
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and others are formed from the other halogens: 

ptcu + 2a- Pta^ 

Sba 5 + a-->sbai 
SnBr 4 + 2Br- -> SnBrg~ 

Hgl 2 + 2I- ->HgI|- 

There are also complex ions of sulphur, such as: 

CSa + S^- CS^ 

AS2S5 + 38 ^- 2AsS^ 

which are analogous to the corresponding oxygen compounds. 
In certain instances complex ions can be formed by combination 
with positive ions, the best known examples being the ammonium 
and phosphonium ions, thus: 

NH 3 + H+ NHt 

PH 3 + H+ PHt 

A third", the hydronium ion OH 2 + H"** OH 3 will be discussed 
later. Complex formation is quite a general phenomenon, and even 
mixed complex ions such as (POFs)^”” and (P 02 F 2 )'" can be 
formed. 

We shall soon see that complex ion formation follows a definite 
pattern, but first we must see whether a complex ion is really 
formed in general by the combination of a molecule with a free 
ion. We will call the energy which is released when the complex 
ion is formed from a molecule (BF 3 ) and one or more simple 
ions (F~), If jE'jv/ is the energy corresponding to the formation of 
the molecule from its ions, and the energy released in the 
formation of the complex ion from its constituent ions, then the 
following relationship will hold 

Q == Eq —£^jvf 

from which Q can be calculated. 

We will take as an example the heat of formation of the 
sulphate ion 804 “ from 8 O 3 and free oxygen ions. 

SO 3 +302-~£'sos 

Se^ +40^~-^S0r +£so. 

SOa + O® —>* SO| + ^so* —* ^soi 
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from which it follows that 

Q = £s04 ~^S03 

If Eso^ is greater than Esoa> Q will be positive and the complex 
ion will be formed. The method of calculating the energy of a 
compound was given in section 11 , and it has to be remembered 
here that the oxygen ions form a triangle in SO 3 , and a tetrahedron 
in 804 “. The calculation gives the following results: 

= -{3.6e,2e|r-3.2e.2€|^/3r) = -29-2 e^jr 
= -{4.6e2elr-6.2e2ell^/6r) - -33-3 e^r 
from which we obtain 

Q = 41 e^jr 

It is assumed in these calculations that the interionic distances 
are always equal to the sum of the ionic radii. To complete the 
calculations we have to determine whether SO 3 can combine with 
more than one oxygen ion, and so for the energy of the SO|“ 
we find 

E = ~34*2^V'* 

and in the same way for SOq^ 

E = -32-0 e^lr 

These calculations show that the energy is a minimum when 
the sulphur ion is surrounded by five oxygen ions. Similar 
calculations can be carried out to determine how many oxygen 
ions correspond to a minimum value of the energy when the 
central ion has a charge of 1 , 2, 3 etc and also for monovalent 
negative ions. The numbers obtained in this way, given in Table 
XXVI, are called coordination numbers for isolated ions. If the 
compound, which combines with ions, is not gaseous then the 
formulae for heat of formation must be corrected for heat of 
sublimation. If, for example, TeO|- ions are formed from sohd 
TeOs, the latter compound must first be vaporized, which requires 
the heat of subUmation, and the formula for Q then becomes 

Q = —SjcOs + '®re04 "~^c 08 

According to the Table XXVI, hexavalent ions should combine 
with five bivalent negative ions, whereas in fact the S®*** ion has a 
maximum of four ions. Similarly, a tervalent positive ion shoidd 
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Table XXVL Coordination Numbers 


Charge of central ion 

1 

2 

3 1 

4 1 

5 

6 

7 

Coordination numbers 
for monovalent ions 

2 

i 

4 

5 

6 

8 

8 

8 

Coordination numbers 
for bivalent ions - 

1 

2 

3 

4 

4 

5 

6 


combine with five negative monovalent ions whereas, from BFg, 
BFj and not B¥l~ is produced as a complex ion. There are two 
reasons why the actual coordination number is nearly always 
lower than the calculated value. The first arises from the assump¬ 
tion that the molecules combine with free ions. Such an idea is 
fictitious, since ions are never free even in solution where, as we 
saw in section 13, they are associated with the water molecules. 
If, for example, the chlorine ions of NaCl react with the compound 
PtCl4 then a correction for the hydration energy must be intro¬ 
duced, the magnitude of which will be larger the greater the 
number of ions combining to form the complex. The result will 
be that the energy minimum will correspond to a complex with a 
smaller number of ions, which means that the coordination 
number will have a lower value. 

The second reason is due to the volume of the ions. If the 
central ion is very small, fewer negative ions than the theoretical 
coordination number can be arranged in such a way that they 
all touch it. Therefore, since complex formation occurs mainly 
with small positive ions of high charge, it frequently happens that 
complexes of elements in the first period have less than the ideal 
coordination number, whilst those of the second and third 
conform to the theoretical. Thus, instead of the ideal complex ions 

BeO|“- BO|~ cot NO|- 

the following are actually formed 

BeO|~ BO^ CO^ NO3 

but the following normal ions are formed in the third period 
SiOl“ ?Ot 

It is therefore clear why a nitrate ion has the formula NO3 while 
the phosphate ion is mostly of the form PO|”. 
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The sulphate and perchlorate ions belonging to the third period 
still do not have normal coordination numbers and it is only 
when Te®"^ and are reached, which are considerably larger 
than S®'*' and CF”*", that orthotellurates XeTeO^ and the ortho¬ 
periodates XglOg are formed with higher coordination numbers. 
The tellurates X2Te04 and periodates XIO4 can of course be 
formed as well, and in solid XgTeOe the coordination number is 
actually greater than the theoretical value. 

Fluorine complexes behave in the same way. Boron in the first 
period still does not show the normal coordination number and 
only forms BF4, while the larger aluminium ion forms NagAlFe 
with a higher coordination number. The carbon ion in CF4 is, 
however, so small that the coordination number is limited to four 
and complex formation is completely absent. On the other hand, 
the larger Si^"^ ion gives normal complexes such as KgSiF^ etc. 

This factor of space limitation round the ion reduces the 
coordination number to an even greater extent when the negative 
ions are large and accounts for the fact that fewer complex sulphide 
ions are known than oxygen ones. Complexes of chlorine, bromine 
and iodine are fewer in number than those of fluorine. BCI3 never 
forms BCl; and SiCl4 forms no complexes analogous to KgSiF^. 
Nevertheless, the agreement between theoretical and experiment¬ 
ally determined values is surprisingly good when the corrections 
for hydration and ionic sizes are introduced. Attention has already 
been drawn to the fact that ions cannot be considered as free in 
solution, but are always associated with water molecules. 

Ions are even more influenced by their environment in a crystal 
lattice which leads to deviations in the coordination numbers of 
complex ions, the values being frequently higher than the 
theoretical. A free monovalent positive ion can only have two 
negative ions combined with it, but we know from the structure 
of NaCl that the sodium ion in the solid phase is surrounded by 
six chlorine ions. This higher value for the coordination number 
is due to the positive charges which have six negative ions packed 
round them. These positive charges oppose the mutual repulsion 
of the chlorine ions which, as free ions, would be limited to a 
coordination number of two. 

A bivalent positive ion has an ideal coordination number of 
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four for monovalent negative ions yet, in the calcium fluoride 
lattice, each calcium ion is surrounded by eight fluorine ions. If, 
therefore, for example, magnesium forms a complex it could have 
a higher coordination number in a lattice than the theoretical 
value. This phenomenon is found in KMgFg, in which each 
magnesium ion is surrounded by six fluorine ions. In a lattice the 
ions of a complex compound will try to take up such positions 
that the energy of the lattice as a whole is a minimum. In general, 
therefore, the coordination number will be higher than it is for 
ions either free or in solution. 

It now becomes clear why orthotellurates have the composition 
XeTeOg, since these compounds only exist in the solid state, 
although the ions TeO^" may possibly occur in solution. Another 
example of a high coordination number is provided by the 
complex K3ZrF7, which has been shown by a recent investigation 
to contain the group (ZrF,)^" in the solid state. The arrangement 
of the complex in the free state and the lattice will only be the 
same if a screening effect prevents the acquisition of further ions 
in the lattice, as for example BF7, SiFg", CO3", SO^”* 

which are in fact the most common complex ions. There is a 
perfectly good reason for this phenomenon. Since the ions are 
highly charged positive ones, round which a large number of 
negative ions are arranged, and since the positive ions are small, 
the observed coordination number will be lower than the theoreti¬ 
cal as a result of space limitation. 

According to the earlier conception of complex compounds, 
only those ions were called complex which did not dissociate in 
water. It is now, however, apparent that those very complex ions 
which have the same structure in solution as in their solid state 
(SO|“, NO3 etc) contain small ions of high charge and conse¬ 
quently do not break down in solution into simpler ions. 

When compounds dissociate into simple ions, they are called 
double salts rather than complexes. In the discussion which 
follows, we shall include these compounds among the complexes 
but it must be borne in mind that there are two kinds of complexes 
with a continuous transition from one type to the other. In a 
complex such as CaCOg the three ogygen ions are only in contact 
with a single ion, the COl" ion being completely isolated from 
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the others in the lattice, whilst in KMgFg this is not so. In the 
latter there is room for six F ions round the Mg ion, and therefore 
six surround the Mg^+ ion. This is, however, only possible when 
every F ion forms part of two MgFg groups. In this way the Mg^"^ 
and the F“ ions form a three-dimensional aggregate in the lattice, 
and there are therefore no isolated Mg^'^'F^ groups. 

In other lattices the groups can form interconnecting layers or 
chains. Such lattices are a transition type between those com¬ 
pounds containing isolated groups (CaCOg) and those with 
completely interconnecting groups (KMgFg). Many intermediate 
structures of this kind are found amongst the silicates, section 35 , 
yet we do not classify them with the double salts. Lattices with 
interconnecting groups will be formed when there is still space 
for further negative ions after the theoretical coordination 
number has been reached. They will occur in general if the positive 
ion is large, thereby providing plenty of room, especially so when 
it is of low charge. We should therefore expect interconnecting 
groups in a compound such as K2MgCl4, because the Mg^"^ can 
obviously accommodate more than four Cl ions round it. The 
free ions should theoretically have the structure MgCl^"", but such 
ions are unstable in solution and dissociate into simpler ions. 
K2MgCl4 is therefore a double salt according to the current 
nomenclature. We can say in general that a double salt, that is a 
complex which breaks up in solution into simpler ions, has inter¬ 
connecting groups in the lattice. 

The factors which determine whether a compound will have the 
properties of a typical double salt, a complex or a transition type, 
are the size, charge and structure of the ions. Simply increasing 
the size of the central positive ion causes a true complex to change 
into a double salt. Thus, in contrast to CaCOg with its isolated 
groups, CaTiOg has a perowskite lattice with interconnecting 
groups and should therefore be classified as a double salt. Never¬ 
theless, complex ions do occur in solutions of titanates and they 
are therefore real complexes in this respect. It is clear that no 
sharp division can be made between double salts and complexes. 
The formula KMgFg certainly gives a far better picture of its 
structure than MgF2.KF, although the former does not bring out 
the fact that the Mg ion is surrounded by six F ions any more 
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than the formula NaCl shows that each Na ion is surrounded by 
six Cl ions. A formula which would do this would have to be 
written: (NaClg) (ClNae) and for CaF2:(CaF8) (FCaJ. Such 
formulae would be very difficult to use for simple compounds and 
quite impossible for complex compounds. 

30 . EFFECT OF NON-COMPLEX ION ON 
STABILITY OF COMPLEX ION 

We have already shown that a complex ion cannot be considered 
as being formed from free ions and molecules, because free ions 
do not exist as such but only associated with water molecules. 
Instead of forming a complex by reacting PtCl^ and NaCl in 
solution, let us suppose that it is formed from PtCl4 and solid 
NaCl to give NagPtCle. In such a reaction the energy released 
cannot be put equal to ""^ptcie* The ions must first be 

formed from NaCl and this requires the crystal energy f/Naci* 
The energy released when the chlorine ions combine with PtCl4 
to give PtCl^" is 

Q = ““^PtCle 

Finally, the ions Na+ and PtCl^" have to be combined to form 
the solid, so that the energy of complex formation will be 

“^NaCl “^PtC4 + ^PtClo + ^NaaPtClf} 

UNaaPtcie energy released when the solid salt is formed 

from die ions * 2 Na+ + PtCle". Now the crystal energies of 
complex salts will be less than those of the salts from which they 
are formed for the simple reason that the complex ion, PtCl^"' 
here, has a larger volume than the chlorine ion. As a first approxi¬ 
mation the energy of the complex salt can be neglected in com¬ 
parison with that of the other compounds, and the energy of 
formation of the complex reduces simply to Q — U, where Q has 
the meaning given earlier, A very general rule governing stability 
can be derived from this formula, which can be illustrated by com¬ 
paring a number of complexes with the same complex ion, for 
example the carbonates, sulphates and platinum chlorides. 

♦ The total crystal energy corresponds to building up the crystal from the 
free ions 2Na‘^, and 6CF. 


U 7 



COMPLEX COMPOUNDS 

Since Q will have the same value in each group containing the 
same complex ion, the stability will be determined solely by the 
crystal energy of the compound which provides the ions for the 
complex ion, and the greater this is the smaller will be the heat of 
formation of the complex and the lower its stability. From this it 
follows that a compound such as a sulphate or carbonate will be 
all the more stable, the larger the size of the positive ion and the 
smaller its charge. If the ion belongs to the subgroup elements or 
has an abnormal electronic structure, then the stability will be 
less because compounds containing such ions will generally have 
higher crystal energies. 

The carbonates provide a very good example of these effects. 
The alkali carbonates should be the most stable, and in fact when 
heated they only decompose to a small extent into oxides and 
CO 2 , with the exception of LigCOa, the smaller radius of the 
Li ion resulting in a higher crystal energy of lithium oxide in 
comparison with those of the other alkali oxides. This results in a 
lower stability compared to those of the other alkali oxides. In 
this respect LigCOg resembles the carbonates of the alkaline earths 
which are less stable than the alkali carbonates because the crystal 
energy of the alkaline earth metals is greater than that of the 
alkalis as a result of their higher charge. However, the alkaline 
earth carbonates also show differences in stability, increasing 
from beryllium to barium carbonate because the radii of the 
positive ions increase in that order. This is clearly brought out 
in Table XXVII, which gives the temperatures at which the various 
carbonates exert a pressure of one atmosphere of carbon dioxide. 


Table XXVIL Decomposition Temperatures °C of the Carbonates 
of the Alkaline Earth Metals 


BeCOs 

MgCO, 

CaCOs 

SrCOj 

BaCOj 

~100 

230 

817 

1,130 1 

1,297 


The carbonates of the elements of the third group of the 
periodic system are still less stable. Al 2 (C 03)3 apparently de¬ 
composes at ordinary temperatures, for if we attempt to make this 
compound by reacting an aluminium salt with a carbonate, then 
aluminium oxide and CO 2 are formed, a well-known reaction in 
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analytical chemistry. Only at low temperatures does a basic 
carbonate of aluminium appear to exist. Boron carbonate does 
not exist at all, while the rare earths, as a result of their larger 
ionic volumes, all form carbonates, and those of the tetravalent 
elements are not in general known at all. 

Finally, let us compare the carbonates of some subgroup 
elements with those of the principal groups. Although silver and 
sodium have almost the same ionic radii, AgaCOg decomposes at 
about 400 °C, since the crystal energy of AggO is greater than that 
of NagO. Carbonic acid itself, which contains a very small positive 
ion, is also very unstable and, as we know, H2CO3 only exists in 
very dilute solutions. Similar behaviour is shown by the sulphates, 
except that they are on the whole more stable than the carbonates 
because the value of Q is larger. Of the sulphates, those of the 
alkali metals are the most stable and only Li2S04 shows some 
decomposition into LigO and SO3. BaSO^ is dissociated with 
difficulty into BaO and SO3, while beryllium sulphate dissociates 
appreciably at low temperatures. 

On the other hand, sulphates of tervalent metals dissociate 
easily. The old process for the preparation of H2SO4 was based 
on the dissociation of ferric sulphate, the SO3 being absorbed in 
moderately dilute sulphuric acid and in this manner fuming 
sulphuric or Nordhausen acid can be prepared. 

Aluminium sulphate decomposes on heating into AI2O3 and 
SO3, while the rare earth sulphates are much more stable. 
Tetravalent sulphates of the type X(S04)2 occur very rarely, and 
of the metals of the fourth column only thorium forms a sulphate 
of this type due to its large ionic radius. 

We saw that aluminium carbonate and H2CO3 are both unstable 
at ordinary temperatures, and that the instability of H2CO8 is 
due to the small H+ ion while that of aluminium carbonate is 
caused by the high charge of the aluminium ion. We would there¬ 
fore expect that sulphuric acid would have about the same order 
of stability as aluminium sulphate, which decomposes at 750 °C. 
Actually H2SO4 vapour dissociates to about 50 per cent at 350 °C 
and one atmosphere pressure into HgO and SO3. These same rules 
must also apply to all other groups of complexes, further examples 
being KBF4 which is stable while Ca(BF4)2 is so unstable that it 
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cannot be prepared because it decomposes into CaFg and BF3. 

Most nitrates decompose on heating, but here the decomposi¬ 
tion is somewhat more complicated. Dissociation into oxides and 
NgOs does not occur because the latter compound further splits 
up" into lower oxides of nitrogen and oxygen. The alkaU metal 
nitrates decompose into nitrites and oxygen thus 

2KNO3 -> 2KNO2 + O2 

We might imagine that such a reaction could be reversible under 
certain circumstances, and this has not been considered under the 
heading of complex compounds. For if a nitrite changes to a 
nitrate, ions do not simply combine with a molecule but the 
valency of the nitrogen changes at the same time. The process is 
somewhat similar to the formation of a peroxide such as BaOg 
from BaO and oxygen, in which as we shall see later Orf ions are 
formed from the oxygen ions in BaO and free oxygen. This 
process is quite a different one from the formation of a CO3” ion, 
because the chemical forces leading to the formation of Og" are 
certainly not of a purely electrostatic kind, yet the heat which is 
released in the reaction 

2 BaO + O2 —> 2Ba02 

can be split up in the same way as in true ionic complexes. The 
heat of formation can therefore be expressed 

~^BaO + 6 + ^BaOa 

in which Q is now the energy released by the combination of the 
oxygen ions with the oxygen and t/BaOa is the energy corresponding 
to the formation of solid BaOg from the Ba ions and the Og" ions. 

Q will have the same value for all peroxides and, although it 
cannot be calculated in a simple manner, we can still arrive at 
similar rules for the stability of the peroxides. Again peroxides 
will only be stable if the positive ion is large with a small charge 
and belongs to the elements of the main groups. Magnesium 
peroxide will consequently be unstable in comparison with BaOg, 
and in general the peroxides of the elements with a valency lower 
than two will be non-existent. The same thing holds for the 
elements of the subgroups. The peroxides of sodium, potassium, 
calcium, strontium and barium are known, but not those of 
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copper, silver, zinc or cadmium, at any rate not in the free state. 

There are numerous other compounds in inorganic chemistry 
which contain an ion composed of two or more atoms or ions as, 
for example, the series of persulphides containing the ions 
Ss"", S3“, 84"", S5-, the polyiodides the ions I3, 1 ^, I7, and the 
azides the ion N^. We can think of these ions as being formed by 
combination of the ions S““, I~ with atoms of these elements, but 
we do not know from our discussion so far what forces constitute 
the bond, and in consequence we cannot calculate the energy 
released in the formation of such ions. Nevertheless the same 
stability rules apply, namely that the compounds will only be 
stable when the positive ion is large and of low valency and 
belongs to the elements of the main groups. The azides in general 
are particularly unstable, and even the alkali ones are easily 
dissociated while those of the subgroup elements such as AgNg, 
Hg(N8)2 etc are explosive materials. 

The stability rule still holds, even when the complex ion is no 
longer purely ionic in character, so that we cannot use its 
validity as an argument that COl~ and SO^" are built up from 
ions, because the rule holds for complexes to which this does not 
apply. The most it does show is that the bond between the complex 
ion and the rest of the compound is ionic in character. Up to now 
we have only considered complexes with a central positive ion, 
but some complex ions are known in which the central ion is 
negative, the best known example being the NH4 ion. Ammonium 
compounds differ in stability, and from the reaction 

NH3 + HX -> NH4X + AH 

it follows that the formula for the heat of formation is analogous 
to that of the other complexes, viz 

AH = —Eitix + Q "“^NHiX 

Here the dissociation energy of the acid HX or that necessary for 
dissociation into ions, equally well termed the molecular energy, 
takes the place of the crystal energy because an acid is in general 
not a solid substance. It follows from this that the heat of forma¬ 
tion of the complex will be greater the smaller the dissociation 
energy of the acid, that is the stronger it is. The value of AH for 
weak acids is so low that stable ammonium compounds are not 
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formed, and NH4CN for example decomposes with great ease into 
NHg and HCN. In HgO the dissociation energy is so large that 
NH4OH cannot be formed at ordinary temperatures; HgS, how¬ 
ever, has a lower dissociation energy so that the compound 
NH4HS does exist. 

The energy of complex formation of the H+ compounds, which 
is also called the proton affinity, will be all the greater the higher 
the charge of the negative ion and the smaller its radius. NHg has 
the highest proton affinity and therefore the most marked tendency 
to form positive complex ions NHJ; complex formation also 
occurs with PHg which takes up hydrogen ions to form PHJ', the 
phosphonium ion. The proton affinity, however, is smaller and 
consequently phosphonium ions will only be formed when the 
hydrogen ion is present as such, or in compounds from which it 
can be detached easily, as when PHg reacts with a strong acid. 
Because phosphonium ions can only be formed with strong acids, 
PH4I can be produced from PHg and HI, but not PH4F from 
PHg and HF. 

Water has a much smaller proton affinity than NHg because 
of the lower charge on the oxygen ion so that there are very few 
compounds containing an H3O+ ion, and those that exist are very 
unstable. Hydronium compounds are in fact only formed by the 
reaction of water with very strong acids, the best example being 
(OHg)+ ClOj, the monohydrate of perchloric acid, which is the 
complete analogue of (NH4)-^C104, and the justification for this 
formula is that both compounds have the same crystal structure. 
Further examples of hydronium compounds are the hydrates of 
the halogen acids which are formed at low temperatures from 
concentrated solutions. These compounds generally contain, 
however, more than one molecule of water, which is to be re¬ 
garded as water of crystallization as in compounds such as 
Na2S04.7H20. Hydrates of H2SO4 and H2Se04 are also known 
and these should probably be formulated as hydronium 
compounds in the same way. 

The remaining hydrogen compounds have much smaller proton 
affinities, although HF can form a fluoronium salt (FHJ) (C10)4 
by reaction with HCIO4. There may be further examples of proton 
addition with other hydrogen compounds although HCIO4, 


122 



DEPENDENCE OF STABILITY ON THE CENTRAL ION 
however, behaves in quite a different way with easily oxidizable 
hydrogen compounds, and reacts with HCl to give H 2 O, chlorine 
and the lower oxides of chlorine. 

The heats of formation of complex hydrogen compounds from 
the molecules from which they are formed confirm these con¬ 
clusions: 


PH 4 F 

PH 4 CI 

PHiBr 

PH 4 I 

0 

15 

23 

24 kcal 

NH 4 F 

NH 4 CI 

NH 4 Br 

NH 4 I 

1 

37 

40 

38 kcal 


It must be pointed out that the heats of formation of these com¬ 
pounds from their elements have, of course, quite different values, 
which decrease from the fluoride to the iodide because the heats 
of formation of the acid also decrease from fluorine to iodine, in 
the following manner: 

HF HCl HBr HI 

95 22 8*5 -ekcal 

From these figures, taking the heat of formation of 16 kcal for 
NH 3 and —6 kcal for PH 3 , the total heats of formation then 
become: 


PH 4 F 

PH 4 CI 

PH 4 Br 

PH 4 I 

~90 

31 

25-5 

12 kcal 

NH 4 F 

NH 4 CI 

NH 4 Br 

NH 4 I 

112 

75 

65 

48 kcal 


31. DEPENDENCE OF STABILITY ON THE 
CENTRAL ION 

The differing stability of various complex ions has just been 
discussed. As regards the dependence of stability on the central 
ion, the rules can be formulated very easily. When it has a high 
charge, a small radius and a non-noble gas structure, the stability 
will be high because the attraction between the central and sur- 
roimding ions is then as large as it can be. 
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If a mixture of KCl and MgClg in any proportion is melted, 
then the compounds KMgCla and KMgCl4 are formed according 
to the conditions. The complex ion is, however, so unstable that 
on dissolving in water it decomposes immediately into Mg+ and 
Cl“ ions, and the complex can only exist in the solid state, section 
29 . Be(OH)2 dissolves in KOH to form the compound KaBeOg. 
When this compound is dissolved in water K+ and BeO|“ ions 
are formed, but the unstable complex ion decomposes and partly 
forms Be and OH ions because the oxygen ions combine with the 
water to give OH ions. The borate and carbonate ions are, on the 
other hand, much more stable on account of the higher charge 
and smaller radius of the central ion. 

We can now state how two compounds have to be chosen in 
order to produce a very stable complex. One must have a positive 
ion, which will not be part of the non-complex ion, with a low 
charge and large radius, and preferably a noble gas structure; 
the other must have a positive ion (the central ion) with a large 
charge and small radius, and preferably not a noble gas structure. 
There is, however, a limit to the radius of the positive ion; the 
central ion must not be so small that there is no space left for 
extra ions; otherwise there will be no complex formation of any 
kind, and we saw earlier that no complexes of CF4 and SiCl4 exist 
for precisely that reason. This hardly ever arises with the oxides, 
because lack of space or screening only appears when an ion is 
surrounded by three or more ions which in the oxides means a 
charge of six or more. If an oxide of the type X2O7 takes up a 
further oxygen ion to form 2CIO4, there is no increase of the 
coordination number since in CI2O7 every chlorine ion is sur¬ 
rounded by at least four oxygen ions so that these oxides still give 
complexes. It is only when we come to oxides of the type XO4, of 
which only two RUO4 and OSO4 are known, that the possibility of 
complex formation with other oxides disappears or becomes very 
small indeed. 

There are many complexes with a central positive ion, but the 
number with a central negative ion is small and the reason for 
this is obvious. We have already seen that a central ion with a 
high charge and small radius is a necessary condition for high 
stability. Now a positive ion can have a high charge, but with 
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increasing charge the radius diminishes. In the positive central 
ion, then, these two favourable factors work together. A negative 
ion, on the other hand, cannot have a charge greater than three, 
and ions with such a charge have a very large radius so that what 
is gained by increasing the charge is lost by increasing the radius. 
Finally, all negative ions have a noble gas structure so that all 
the circumstances are unfavourable for the formation of a complex 
ion. While the complex KBF4 is known and is formed thus 

K+F- + B^+Fa K (BF4) 
the analogous reaction 

I-Li+ + N 3 -Li+ I(NLi4) 

probably does not take place at all. Only in the hydrogen com¬ 
pounds, where the hydrogen ion is so very much smaller than the 
central ion, do the arguments given above no longer hold, and 
these compounds have been fully discussed in section 23 . 

We shall see later that the covalent bond plays an important 
part in those complexes containing hydrogen in the complex ion. 
Such complexes can be considered even less than simple hydrogen 
compounds as being purely ionic. Furthermore, the penetration 
of the hydrogen ion into the negative ion makes quantitative 
calculations impossible. 

There is presumably still a group of complexes with negative 
central ions, amongst which could be cited the compound 
(IAg)2'^(N03)2, formed by melting two molecules of AgNOg and 
one molecule of Agl, or by dissolving Agl in a concentrated 
solution of AgNOg. The small solubility of Agl indicates a specially 
strong attraction between Ag+ and I” ions which can be attributed 
to the 18 -electron configuration of the Ag+ ion. This attraction 
leads to more than one silver ion combining with an iodine ion. 
The electrostatic theory cannot throw any further light on these 
little known complexes. 


32 . ACIDS AND BASES 

From the point of view of practical chemistry an important group 
of complexes are those obtained by the reaction of water with 
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oxides. Starting with the oxides of the third period we can, 
according to section 29 , expect the following complex ions to be 
formed: 

NaO", MgOf, A 10 ^, SiOl", PO^, SO^, ClOl 

in which we use the normal coordination numbers, the smallness 
of the central ions in SO4" and CIO; being taken into considera¬ 
tion. In combination with ions these will give the following 
neutral molecules: 

NaOH, Mg(OH)2, Al(OH)3, Si(OH)4, PO4H3, SO4H2, CIO4H 

On solution in water, electrolytic dissociation can occur, and we 
now have to explain the surprising fact that NaOH is a strong base 
and that in the above series of compounds the basicity gradually, 
decreases finally giving way to an increasingly acidic character, the 
last compound being a very strong acid. That NaOH is a strong 
base is merely an expression of the fact that it will dissociate 
strongly in solution into the ions Na+ and OH“. It must be borne 
in mind that the OH“ behaves very much as a simple monovalent 
ion on account of its penetration by the H+ ion. It will have 
approximately the dimensions of the F~ ion, so that the reason 
for the ionic dissociation of NaOH is related to the question of 
why the alkali fluorides also show marked ionic dissociation, 
which will be treated in more detail in section 44 . 

It is easy to see that NaOH will not dissociate into NaO“ and 
H"**; simply because the bond between 0 ^~ and H^, due to the 
smallness of the H+ ion, is much stronger than that between O^- 
and Na+. Therefore when NaOH dissociates it gives the ions 
Na+ and OH“ and not NaO~ and H+, from which it follows that 
NaOH is not an acid. 

Coming now to Mg(OH)2, the bond between the magnesium 
and the oxygen is very much stronger on account of the higher 
charge of the positive ion. In subsequent compounds of the series 
given above, the charge ,of the positive ion steadily increases 
and consequently the dissociation between positive ion and oxygen 
becomes increasingly more difficult, and the basic properties 
decrease. In HCIO4* the OH group is so strongly attracted by 

* It is dear that a formula CIO4H would be more rational than the usual one. 
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the small heptavalent chlorine ion that no dissociation into OH”” 
ions is observable, and HCIO4 has consequently no basic 
properties. 

As we proceed from left to right along the series, and the basic 
properties decrease, the splitting off of the hydrogen ions is 
facilitated by the repulsion of the positive ions as they become 
smaller and more highly charged. Therefore, while the dissocia¬ 
tion into OH“ ions steadily diminishes, the opportunity for 
dissociation into H+ ions steadily increases. This theory is in very 
good agreement with the observed facts but an exact quantitative 
agreement cannot be obtained. We cannot calculate exactly the 
value of the dissociation energy because of the difficulty intro¬ 
duced by the penetration of the hydrogen ion. 


33 . STRENGTHS OF ACIDS AND BASES 

The dissociation of an acid into ions depends on the magnitude 
of the dissociation energy in water; it has been pointed out earlier 
that a substantial part of the energy change on solution is caused 
by the hydration due to the combination of ions formed with 
molecules of the solvent, and the degree of ionization will therefore 
depend on the difference between the dissociation energy and the 
hydration energy. If, therefore, we find that the acidity runs 
parallel with the value of the dissociation energy, it does not mean 
that the hydration energy is small, but merely that it is approxi¬ 
mately the same for the different acids. This is quite reasonable, 
since the most important contribution to the hydration energy 
is made by the H*^ ion, whilst the hydration energy of the large 
complex ion is fairly small. 

In principle the calculation of the dissociation energy is very 
simple, it is merely the energy of a H+ ion related to all the other 
ions in the acid molecule. There is, however, the complication 
that the hydrogen ion penetrates the negative ion with which it 
is combined, and the energy between them cannot be calculated. 
Nevertheless, the difference in dissociation energy can be calcu¬ 
lated easily, since we can assume that the error introduced in 
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calculating the energy of the bond between the H+ ion and the 
oxygen ion is practically the same in all acid ions; making use of 
this assumption a number of rules governing the dissociation 
energy can be derived: 

/For equal structures the dissociation energy of an acid will 
increase as the central ion increases in size, because then 
the ion is further removed from the nucleus which 
repels it. 

2 The higher the charge of the central ion, the smaller will be 
the dissociation energy, and consequently the stronger the 
acid, since the repulsion of the H+ ion always increases with 
the charge of the central ion. This effect will be lessened, 
because the acid with the more highly charged central ion 
contains less H"*" ions, as for example in the compounds 
H3PO4, H2SO4 and HCIO4, but the effect of the hydrogen 
ions is of less significance because they are situated farther 
from the hydrogen ion in question than is the central ion. 

3 Replacement of a noble gas central ion by one with another 
structure, but of equal charge and radius, will produce the 
same effect, namely an increase of acid strength. 

4 For the same central ion the dissociation energy will be 
smaller the fewer negative ions the acid contains; these 
attract the hydrogen ion. 

5 If in an acid the negative ions are replaced by larger ones, 
then the acidity increases because the energy of the bond 
between the ion and the neighbouring negative ions 
decreases. 

6 For the same reason, the replacement of the negative ions 
by ions of higher charge decreases acidity. 

All these rules are naturally only true if the acids consist of ions, 
and when we find that the rules are obeyed, then we can take this 
as a confirmation of the fact that the bonds in these compounds 
are at least partly electrostatic in character. 

1 The acidity decreases with increasing size of the central ion 
without exception, as the following examples show: 
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HCIO4 > HIO4 
H2SO4 > H2Se04 > H2Te04 
H3BO3 > H3AIO3 

where the sign > indicates ‘is stronger than’. 

2 Another rule, which holds without exception, is that the 
acidity increases with increasing charge of the central ion, as 
illustrated by the following examples: 

HNO3 > H2CO3 > H3BO3 
HCIO4 > H2SO4 > H3PO4 > H4Si04 
The two strongest acids HNO3 and HCIO4 are followed by the 
weak acids H3BO3 and H4Si04, as the charge decreases. 

The change in acidity in this series is undoubtedly caused by 
the increase of the radius of the central ion, which is connected 
with the change in charge. In the following series of compounds, 
in spite of the decreasing number of oxygen ions, which works 
against reduction of acidity, the acidity diminishes with the charge 
of the central ion: 

HCIO4 > HCIO3 > HCIO2 > HCIO 
H2SO4 > H2SO3 

The following series would appear to contradict the rule 
H3P02> H3PO3 > H3PO4 

but this is a rather special case, since in H3PO2 and H3PO3 the 
hydrogen is partly bound directly to the phosphorus and is not 
present as ions, a point to which reference will be made later. 

3 A non-noble gas central ion, other things being equal, will 
give a stronger acid than a noble gas one. Although Zn^"^ and 
Ga®'*’ are somewhat larger than the ions Mg^"^ and AP"^, it is 
found that 

ZnOgHg > MgOgHg Ga03H3 > AIO3H3 etc 

Mg(OH)2 is exclusively basic in its properties. Zn(OH)2 on the 
other hand is amphoteric, while arsenious acid H3ASO4 is con¬ 
siderably stronger than the acid derived from pentavalent 
vanadium. 

4 The more oxygen ions an acid contains the weaker it will be, 
but not many examples can be found to show this. HeTeOe and 
HglOg are very weak acids; besides the size of the central ion. 
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the larger number of oxygen ions may be the cause of these acids 
being so very much weaker than H2SO4 and HCIO4. 

5 If all the oxygen ions in H2CO3 are replaced by larger 
sulphur ions, the acidity should theoretically increase; so little is 
known about the acidity of thioacids that it cannot be stated with 
certainty whether the predictions of theory are correct here. 

6 It is difficult to compare acids containing negative ions with 
different charges, but we know of a number of very strong acids 
containing fluorine ions in place of oxygen ions, for example: 
HBF4 and HPFq. HBF4 is very much stronger than boric acid, 
and this must be the result of the bond between the H+ and F"* 
ions which, due to the lower charge of the fluorine ion, is much 
weaker than that between the H+ and 0 ^“ ions in boric acid. 
Complex acids of the type HSbCle should be particularly strong, 
due to the large radius and low charge of the negative ions, as 
well as the high charge of the central ion. It would probably be 
possible to show, with the help of such an acid, that compounds 
such as HCl, H2S, AsHg etc still have some proton affinity. 

The acids derived from the lower oxides of phosphorus are of 
particular interest in their behaviour. It has been seen that H3PO2 
behaves exclusively as a monobasic acid, and H3PO3 as dibasic, 
from which we deduce that in the latter as well as the former 
hydrogen ions are directly bound to the phosphorus. If we set up 
an ionic formula for these acids, to take this fact into account, 
then part of the hydrogen must be shown as negative, and we 


obtain the following structures: 

H 
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Since these acids can be derived by successively replacing a OH*” 
by a H~, the following must hold 

H3P02> H8P03> H3PO4 

because a bivalent ion, the oxygen in is replaced by a 

monovalent ion H*”. These three acids can be compared with two 
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of the acids derived from carbon, namely carbonic and formic 
acids. Oxalic acid also has an analogue amongst the phosphorus 
compounds, namely H4P20e. 
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0 
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No satisfactory electrostatic formula can be devised for these 
latter compounds, which makes it doubtful whether it is correct 
to do so for H3PO3, H3PO2, H2CO2 and HgCOg. Analogous 
rules also hold for strengths of bases. It is easy to see that the 
dissociation of a base will be all the easier if 

1 The positive ion has a low charge, 

2 The positive ion has a bigger radius. 

Finally, a base derived from an ion of the main series will have 
a smaller dissociation energy, and therefore will be stronger, than 
one which contains a positive ion of equal charge and radius, but 
with a different structure. The strongest bases are those derived 
from elements in the left hand bottom corner of the periodic 
system, because basicity is high for large low charged ions with 
a noble gas structure. The following series: 

B(0H)3 A1(0H)3 Sc(OH) 3 La(OH)3 

H2CO3 Si(OH)4 Ti(OH)4 Zr(OH)4 Th(OH)4 

show clearly the result of increasing basicity with increasing 
radius of the central ion. B(OH)8 and H2CO3 both have acidic 
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properties; Th(OH)4 is definitely basic, whilst even La(OH)8 is a 
fairly strong base. The next two series: 

Li(OH) Be(OH)2 [B(OH)3] 

Cs(OH) Ba(OH)2 La(OH)3 Hf(OH)4 [Ta(OH)6 W(OH)a] 
also show clearly the decrease of basicity with increasing charge 
of the positive ion. B(OH)3 and the hydrates of TaaOg and WO3 
have no basic properties at all and have become acidic in character: 
this is indicated above by the use of square brackets. 

In each of the four groups of compounds there must be one 
in which the acidic and basic properties are just about evenly 
balanced; it will therefore behave as acid or base according to 
circumstances. Such hydroxides are called amphoteric hydroxides; 
a typical example being Al(OH)3. If we proceed from aluminium 
to the compound immediately below, then the basicity increases 
due to the larger radius of the positive ion; by going one place to 
the right, the basicity decreases due to increase of the charge. In 
this way Ti(OH)4 is therefore as strong a base as Al(OH)3. In fact 
we find that the amphoteric hydroxides Be(OH)2, Al(OH)3, 
Ti(OH)4 and Cb(OH)6 occur along a diagonal across the periodic 
system. The decrease of basicity with increasing charge is also the 
reason why, with elements which form a number of oxides, 
the lower members form bases and the higher ones acids, 
such as CrO and CrOg, MnO and Mn207 etc. We can deduce 
therefore that Fe(OH)2 must be a stronger base than Fe(OH)3, 
whilst Ti(OH)3 must be stronger than Ti(OH)4, even though the 
change in structure of the positive ion could always have a com¬ 
pensating influence. 

The effect of the structure of the positive ion in acids has already 
been discussed; Zn(OH)2 is weaker than Mg(OH)2, whilst Ag(OH) 
is weaker than NaOH etc. Comparing CI2O, which is weakly acid, 
with NagO, we would certainly expect it to have basic properties, 
but the fact that it is weakly acid is probably connected with the 
exceptional structure of the ion. Again, however, it must be re¬ 
membered that in general the properties of the oxides of the n on- 
metallic elements do not fall into line, and CO, NgO, NO and FgO 
have neither basic nor acidic properties. This proves that they are 
not composed of ions, which naturally raises doubts as to whether 
the peculiar properties of CI2O cannot be ascribed to this fact. 
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34 . STABILITY OF ACIDS AND BASES 


A NUMBER of acids and bases decompose easily at ordinary tem¬ 
peratures, or slightly higher, into water and oxides. The usual 
stability rules govern such decompositions and we will repeat 
them once again. Acids will lose water more easily the smaller the 
charge of the central ion, which can be seen from the stability of 
H2SO4 compared with that of H2SO3, or HCIO4 with HCIO. 
At first sight it appears rather strange that in the basic hydroxides 
this stability order is completely reversed. NaOH loses water with 
difficulty, whilst Ca(OH)2 does so much more readily, and 
A1(0H)3 and Si(OH)4 both lose water with great ease, although 
traces of water are still very strongly held by the oxides formed. 

The influence of the radius of the positive ion is also quite 
different for acids and bases; H2Te04 loses water more easily than 
H2SO4, but LiOH does so much more readily than KOH, and 
Be(OH)2 than Mg(OH)2, which again does so more easily than 
Ba(OH)2. The reason for this apparently contradictory behaviour 
is that in the reaction 

BaO + H20-> Ba 2 + + + HsO)-^ Ba(OH)2 

BaO dissociates into ions, followed by the formation of (OH)"" 
ions from water and 0 ^~ ions. The lower the crystal energy of the 
oxide the greater will be the heat of formation of this process, and 
the hydroxide will therefore be more stable the bigger the radius 
and the smaller the charge of the positive ion. 

In the formation of an acid, for example H2SO4 from HgO and 
SO3, the SO3 is not dissociated. Here the oxide takes up an oxygen 
ion and the energy which is released is greater, the larger the 
charge and the smaller the radius. The question whether an oxide 
forms an acid or a base depends on whether the ionic dissociation 
of the oxide requires a greater or smaller amount of energy than 
the ionic dissociation of water. We can see that this is so in the 
following way. If BaO is dissolved in water it dissociates into ions, 
and the oxygen ions subsequently combine with the water to form 
OH" ions. When, on the other hand, SO3 is dissolved in water the 
dissociation is certainly less than that of the water and SO3 com¬ 
bines with a OH" ion to form HSOi which subsequently dis¬ 
sociates further into SO^"" and H"^. It is therefore obvious that the 
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Structure of the positive ion will determine the stability. Bases 
become less stable and acids more stable when the noble gas 
positive ion is replaced by a non-noble one. Thus, Ag(OH) and 
Zn(OH)2 are very unstable compared with NaOH and Mg(OH)2, 
and many other examples to illustrate this can easily be found. 
The explanation is quite simple, namely that the stronger field of 
the non-noble gas ion means that it reacts as if it had a higher 
charge or a smaller radius. 

In the decompositions already described, the complex breaks 
up into oxides, in this instance water, and the base- or acid-forming 
oxide. Some acids, however, decompose in quite a different way 
to give oxygen and a lower oxide, and therefore have strongly 
oxidizing properties. The reason is the low stability of the oxide 
and it is observed in acids with small highly charged central ions; 
thus HCIO4, HNO3 and H2SO4 all show this behaviour to a 
marked degree at high temperatures. It is not surprising that these 
happen to be the strong acids, since the acidity is favoured by the 
three factors of high charge, small radius and non-noble gas 
structure, each of which lowers the stability of the oxides. It is, 
however, noteworthy that these unstable oxidizing acids are those 
that hold on to water strongly and therefore form very stable 
complexes. Thus it follows from what has been said that strong 
bases cannot be good oxidizing agents. 


35 . SILICATES 

There is still a further group of complexes which cannot be 
neglected in any discussion, namely the silicates, a group of com¬ 
pounds of the greatest importance in geology because the earth's 
crust is very largely composed of them. The enormous variety of 
compositions and the complexity of these materials constituted 
a major and apparently insoluble problem in chemistry until quite 
recently. In the last few years, however, systematic investigation 
by x-rays has thrown much light on this subject. The first result of 
these investigations showed that each Si^'^ion in the silicates and also 
in the difierent natural forms of Si02 is always surrounded by four 
negative oxygen ions. This result is not, at first sight, surprising. 
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as the thebretical coordination number is four and, because of 
the small silicon ion, any increase of coordination number in the 
solid state is unlikely. A silicate having the composition MgSiOs 
does not appear to agree with this result; one might compare 
MgSiOg with MgCOg and assume an analogous formula 
Mg^’^CSiOg)^". Such a formula is, however, quite incorrect and 
in order to understand the structure we shall have, for the 
moment, to leave the silicates. 

We have already seen that three series of phosphates can be 
obtained from PgOg; the metaphosphates with composition XPOg, 
orthophosphates X3PO4 and the so-called pyrophosphates X4P2O7, 
in which we assume the ions (P207)^“. In the structure of this ion 

“ O o 

OPOPO 

- o o ^ 

the coordination number of the phosphorus is four, and there is 
nothing in principle against such complex ions containing more 
than one positive ion. It would, however, be very difficult to 
predict under what circumstances such ions could occur because 
an accurate calculation of the energy of such systems, and especi¬ 
ally of the energy of the lattices in which they occur, would be 
nearly impossible. A further example of such complex ions is to be 
found in the chromates where, in addition to normal ones of type 
X2Cr04, there are also bichromates X2Cr207, trichromates 
XgCrgOio and tetrachromates X2Cr40i3. In sulphates also we 
know of salts X2S2O7 which are called pyrosulphates. The 
structure of a tetrachromate with the correct coordination number 
of four can be written 

“0000“ 

K+ OCrOCrOCrOCrO K.+ 

. O O O O « 

This structure appears on paper to be reasonable, but confirma¬ 
tory x-ray work on tetrachromates has not yet been carried out. 
On paper, there is nothing to prevent us extending the series still 
further by increasing the number of CrOg molecules. 

In the silicates such chains do actually occur and we will now 
proceed to describe some of them in more detail. One example of 

v 
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a silicate with a free Si04 group is MgjSiO*, olivine. In addition, 
there is a silicate ScgSiaO^ which, according to x-ray analysis, 
must contain a group (SigO,)®-. The structure of this group, 
using the coordination number four, is as follows 

“ o o"]®- 

O Si O Si O 
_ O O _ 

Actually, the four oxygen ions occupy the corners of a tetrahedron 
round the positive ions, but for this purpose they have been shown 
in a plane. In the mineral TiMgfSisOg) we find, in the same 
manner, a hexavalent group SigO * in which we have a closed ring 

O O 
Si 

o o 

OSi O SiO 
O O 

Six Si04 groups in a closed ring are found in the mineral beryl, or 
smaragd, BegAlgCSigOig) 

O O 
Si 

o o 

O Si O O Si O 
O O 

O Si O O Si O 
O O 
Si 

o o 

In some silicates these rings can be so large that gaps exist in the 
crystal into which water and other ions can penetrate. Such porous 
crystals are also found in minerals in clay, and play a very im¬ 
portant part in plant growth because of their ability to hold such 
ions as potassium. The structural possibilities are not ended with 
the formation of rings, and infinitely long chains of Si04 groups 
can also be formed thus 

o o o o o o 

... O Si O Si O Si O Si O Si O Si O ... 

0 0 0 0 0 0 
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Such a group has the composition (SiOg)^, where n ~ oo. There 
must at the same time be 2 n positive charges. According to their 
empirical composition, it might be thought that a group SiOg" 
occurs as in the metasilicates, but x-ray analysis has shown 
that they contain chains of Si04 groups of infinite length. The 
2 n positive charges can then be provided by dififerent ions, and 
in this way an enormous number of silicates with this grouping 
is possible. A well known silicate of this type is steatite MgSiOg. 

The strongest bonds in the crystal are along the Si-O-Si chains. 
It is remarkable that these silicate crystals containing chains of 
Si04 groups can be split easily into threads which can then be 
made into fibres and textiles, as for example from the mineral 
asbestos. Chains of Si04 groups can join together laterally to 
form layers, while rings can also join up in the same way. Where 
such layers exist the crystals can be easily split into thin laminae, 
as for example in mica. 

In such compounds the positive charge can be provided by a 
variety of ions. When the rings or chains interconnect, each Si04 
group is coupled to the next by means of a common oxygen ion. 
Again, the Si04 groups can be arranged in such a way that each 
of them shares an oxygen ion with four other groups, when SiOj“ 
groups form a three-dimensional lattice with the empirical com¬ 
position SiOg. Starting from the orthosilicates, we therefore arrive, 
by successive coupling together of more and more SiOj"” groups, 
at the crystal of SiOg itself. Each Si ion is surrounded by a tetra¬ 
hedron of four oxygen ions which can be arranged in space in 
various ways; this accounts for the existence of a number of 
different forms of silicon dioxide. 

The silicon ion in silicates can be replaced by an aluminium ion, 
when of course the charge of one of the positive ions must be 
increased. This means that in a silicate a part of the silicon can be 
replaced by aluminium, provided that at the same time an equal 
quantity of the sodium is replaced by calcium, so that the sum of 
the charges remains the same. Such substitutions greatly increase 
the range of compositions of these substances. 

It is therefore quite easy to see why such a very large number of 
silicates is possible, and in fact the chemistry of these substances is 
now so developed that it can be classed next in importance to the 
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chemistry of carbon compounds. It must not be assumed, how¬ 
ever, that there is any direct relationship between the chemistry 
of silicates and that of carbon compounds. It is true that in both 
groups chains, rings and layers of atoms occur, but the structural 
features in the two groups are totally different. The silicon ions 
in silicates are always coupled to each other by oxygen ions, while 
in the carbon compounds the carbon atoms are joined directly to 
each other. Again the bonds between carbon atoms are purely 
homopolar, while the silicates must be regarded as partly ionic 
compounds. 

The relationship between silicon and carbon is shown by the 
fact that silicon also tends to form chains of atoms, though to a 
lesser degree than carbon, as for example in the hydrogen com¬ 
pounds of silicon, the silanes, which, however, are quite distinct 
from the silicates. Silicon has a greater tendency to form large 
complex ions than carbon or any other element and this can be 
appreciated by comparing the formation of a silicate from SiOg 
and an oxide with a sulphate derived from KOH and SO3. In the 
first place when SO3 reacts with KgO, the most important contri¬ 
bution to the lowering of the energy will be due to the taking up of 
a fourth oxygen ion by the SO3, and further by the formation of 
the crystal of K2SO4 from the ions. At the same time the crystal 
energy of the K2O and the very small heat of vaporization of the 
SO3 has to be supplied. The heat of vaporization, however, is no 
longer small in the formation of a silicate, as Si02 is negligibly 
volatile. In fact the heat of vaporization of this substance is 
certainly greater than 100 kcal, which will strongly influence the 
energy change in the formation of a silicate. The heat of formation 
of a silicate, however, is less affected if only a part of the Si02 
molecules have to be separated, as when part of the Si02 lattice 
remains as layers, rings or chains. Therefore the formation of large 
complexes containing a large number of atoms should occur not 
only with silica, but with all oxides possessing a high heat of 
vaporization. Such oxides are the immediate neighbours of Si02 
in the periodic system. In the series: 

NagO MgO AI2O3 Si02 P2O5 SO3 
the heat of vaporization, together with the crystal energy, increases 
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with increasing charge and diminishing radius of the positive ion, 
up to the point when, as a result of the screening of the positive 
ion, a coordination crystal can no longer be formed. The series 
will therefore show a maximum in the heat of vaporization, and 
we know that this maximum occurs at SiOg. 

On the other hand, throughout the series 

ThOg ZrOg TiOg SiOg COg 

the heat of formation will increase as a result of the diminishing 
size of the positive ion. When the central ion becomes too small, 
the heat of formation will decrease as a result of screening and this 
series will also show a maximum. Where the two series intersect 
in the periodic system in the neighbourhood of silicon will be found 
the element, the oxide of which has the largest heat of vaporiza¬ 
tion, and the oxides of low volatility are grouped round this 
particular element. It is therefore in the neighbourhood of this 
atom in the periodic table that we would expect to find those 
elements which form complexes containing multiple negative ions. 
In fact this phenomenon has already been observed with silicon, 
phosphorus and boron. Although a systematic x-ray examination 
of borates, phosphates and titanates has not yet been carried out, 
we know that boron can form ions (3407)^"*. In the case of 
phosphorus the possibilities of ion formation are not exhausted 
with the ions and POj". There are many compounds included 
under the metaphosphates which according to the empirical 
composition appear to contain PO3 ions. Actually an isolated 
group PO3 never occurs in these compounds, and their behaviour 
in solution indicates that the negative ion has a much more 
complicated structure, of the type (POg)”"*. It is certain that ring 
systems can also occur. Thus A1(P03)3 contains groups of four PO4 

O O 
OPOPO 

o o 

OPOPO 

o o 

The correct formula of this compound would .therefore be 
Al4(P40i2)8. An investigation of other metaphosphates in the 
crystalline state may well show them to be analogous to silicates. 
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POLARIZATION 

36 . POLARIZABILITY 


The theory of the electrostatic bond has been found satisfactory 
in explaining a number of phenomena in inorganic chemistry and 
there is scarcely any part of the subject which it fails to clarify. 
On the other hand there were some which could not be explained 
by the theory, as for example the nature of the bond in such 
molecules as Ng, Og, Sg, Cl2, L and H2. Further, molecules such 
as HgO and SO2 did not have the linear structure we expected, 
and the volatility of NO, CO and similar compounds remained 
unexplained. 

The insolubility of AgCl in water was ascribed to the strong 
attraction of the subgroup ion Ag+, and this would be a plausible 
explanation if it were not the fact that AgF is very soluble in 
water. We would in fact expect that this compound, containing 
a smaller negative ion than AgCl, would be less soluble than 
AgCl itself. 

'With the hydrogen compounds we have seen that there are 
hydrides (Li+H~) and hydrogen compounds with positive 
ions, but that on the other hand a compound such as CH4 cannot 
be placed in either group. Before concluding that the electrostatic 
model breaks down in such cases, it must be borne in mind 
that its full implications have not been taken into account. 
Whilst the properties of the compounds have been shown to 
depend on the charge and size of the ions, the phenomenon of 
induction has so far been ignored. 

Between two charged spheres, in addition to the Coulomb 
forces acting between them, there is a force, due to the displace¬ 
ment of the charges, which the bodies produce in each other. 
Induction will occur if two particles, which attract each other, are 
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ions; or if one of the particles is an ion and the other an uncharged 
atom. In fact it is much simpler to understand the basis of in¬ 
duction with ions and atoms. We saw earlier that in the modern 
atomic model we cannot speak of fixed electronic orbits. It is not 
possible to say precisely where a particular electron will be at a 
given moment, but on the other hand it is possible to calculate 
the probability of finding an electron at a given point, which will 
vary throughout the atom. In any position where an electron is 
frequently found, there will be more electricity than in one where 
it occurs less frequently. What in fact can be calculated is the mean 
density of the negative electricity in the neighbourhood of the 
atomic nucleus. In other words the original orbits of Bohr become 
zones of high electrical density. The electrostatic theory tells us 
that the charge distribution of atoms and ions with an 8- or 
18 -electron structure is spherically symmetrical. That is to say 
the mean density in a spherical section is every¬ 
where the same. According to a well known 
theorem of electrostatics, the electric intensity 
outside a charged sphere is the same as though 
the charge were all concentrated at the centre of 
the sphere. From this it follows that in noble gas 
atoms and ions the external effect of the negative 
charges is the same as if they were all in the 
nucleus. The centre of gravity of the negative 
charges is in the nucleus, so that in atoms with 
Figure 19 spherical symmetry the effects of the positive and 
negative charges completely neutralize one an¬ 
other, from which it follows that noble gas atoms have no external 
electric field. Figure 19 , 

Now let us place a noble gas atom in a homogeneous electric 
field. In such a field the positive and the negative charges of the 
atom will be affected and both will tend to be displaced in different 
directions. As can be seen from Figure 20 the nucleus will be 
displaced to the left and the electrons to the right. The mutual 
attraction between nucleus and electrons will oppose displace¬ 
ment by the electric field, and consequently the more strongly 
the electrons are held by the nucleus the smaller will be the 
displacement by the external field. This displacement results in 
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the centres of gravity of positive and negative electricity no 
longer coinciding at the centre. Figure 20 . The electrons will 
still have an external field as though they were 
concentrated in one point. The nucleus and the 
electrons act as a combination of two point 
charges of opposite sign. Such a system is called 
an electric dipole, denoted by /x. We can assume 
that the dipole is proportional to the field strength 
F, and how the proportionality constant is de¬ 
termined will be shown later. 

Let us consider the space between two plates of 
a condenser filled with a large number of atoms, 
each with a dipole. In every atom lines of force run 
from the negative to the positive pole in the 
opposite direction to those of the original field. If a gas is 
placed between the plates of a condenser the field strength between 
these plates will be diminished from the value Z’ to a value FjD, 
where D is the dielectric constant. It therefore follows that, if the 
electrons in an atom are not so rigidly bound that they can be 
displaced in an electric field with respect to the positive charges, 
then the substance must have a dielectric constant which will 
exceed unity by an amount dependent on the strength of the 
coupling between the nucleus and the electrons. This is not only 
true for free atoms, and if the substance consists of molecules 
then a dipole is created in each atom and the effects of the dipoles 
have to be added together. We call the effect in which an electric 
field creates a dipole in an atom or a molecule polarization; it is 
easy to see that in general it will strengthen the binding between 
two ions. 

The chlorine ion in a sodium chloride molecule is in the field of 
the sodium ion and vice versa. The electrons in both ions are 
displaced with respect to the nuclei, with the result that the 
negative charge of the chlorine ion is closer to the sodium ion, 
while the positive charge of the nucleus is now farther away from 
the sodium ion. In consequence the sodium ion as a result of 
polarization exerts a force on the chlorine ion which is greater 
than corresponds to the charges alone. In the same way, the 
sodium ion is more strongly attracted by the chlorine ion. Actually 
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the chlorine ion is not in a homogeneous field, but as a first ap¬ 
proximation it is assumed, in calculations of polarization effects, 
that the field is homogeneous and that the field strength is given 
by that of the actual field in the middle of the ion. This approxima¬ 
tion is satisfactory, if the two ions are widely separated from one 
another, and in fact the approximation is the same as is made in 
assuming that the gravitational field at the surface of the earth is 
homogeneous. 

The calculation can be further simplified by taking into account 
the fact that the polarization in positive ions is in general much 
smaller than that in negative ones, which follows from the fact 
that in positive ions, in which the nuclear charge is higher than the 
total electron charge, the bond between the electrons and the 
nucleus is stronger than in the negative ions, so that it is usually 
sufficient to consider only the polarization of the latter. 

Let us consider Na+ and Cl“ ions at a distance r from each 
other. The Cl" ion is then in a field of which the strength is ejr'^ in 
the middle of the ion. The effect of the field will be to displace 
the (aj + \)e electrons by a distance d with respect to the nucleus. 
Let us assume that the nucleus moves 0-5^/ to the left and the 

negative charge 0'5d to the right. The 
potential energy of the Cl" ion with 
respect to the Na+ ion will no longer 
be e^jr, since there are now in the 
Cl" ion two charges (« + l)e and ne at 
distances (r — O-Sd) and (r + 0-5d) 
respectively from the Na+ ion. 
therefore 

e{n + 1)^ e, ne 
r-0'5d ~^ r + 0*5^ 

/ \ 
“”Vr-0-5d ~r + 0-5d) 

e® n e^d 

~ ~^r-0-5d ~ r* - O'lSd^' 

Now d is very small in comparison with r so that Q Sd and 0'25</® 
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can be neglected, Figure 21 ^ and the formula becomes 

n d 


E - 


r 

which however is still not correct inasmuch as the total diminution 
of energy as a result of polarization is smaller than n since 

energy is required to polarize the negative ion. 

Calculation shows that this is just half the energy which is 
released by the attraction of the dipole by the positive ion. We 
therefore have, see Appendix, p. 206 


E = — 

r 


e'^ n d 


2 


The numerator in the second term of the expression can be 
written e,ned, where d is the displacement and ne the displaced 
charge. The product ned occurs in all polarization calculations, 
since in practical measurements this is determined as an experi¬ 
mental quantity. This product is known as the dipole moment 
and in an atom, ion or molecule is expressed as /x and is propor¬ 
tional to the field strength. Substituting in the formula for the 
energy we obtain 

^ = aF — ae I 


or 


E = —e^jr —ae^jlr* 

The magnitude of the proportionality constant a depends on the 
strength of the coupling between nucleus and electrons. It can 
be measured by extrapolating the measured refractive index to 
infinite wavelength, as a result of the relation that exists between 
D and a which is 


«^ + 2 3 

In this formula V is the volume of one gram mol of a substance 
containing N particles per gram mol. If the substance consists of 
molecules then a == 5 a^, where is the polarizability of the 
atom in the molecule. In gases where is nearly unity, we 
can simplify the formula further by putting +2 = 3 which 
gives 


4nN 

= 1 + - a 
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37. INFLUENCE OF POLARIZATION ON 
STABILITY OF CRYSTAL STRUCTURE, 
IONIC DISSOCIATION AND VOLATILITY 

Since the energy of a molecule is diminished by polarization, we 
must naturally reconsider all phenomena in which we made use 
of this energy. Strong polarization, for example, will increase the 
energy necessary for the dissociation into ions and, in considering 
the solubility of electrolytes in water, the polarization of the ions 
must be taken into account. 

Heats of formation will equally well be affected by polarization, 
since the energy of dissociation into ions, or the crystal energy, 
occurs in the formulae concerned. Polarization will always cause 
an increase in heat of formation for compounds which do not 
form coordinated structures, and has already been considered for 
a compound AB in the preceding section. The increase will be 
particularly important for molecules with highly charged ions, 
but unfortunately an exact calculation of the polarization energy 
under all circumstances is difficult, and cannot be discussed further 
here. Strong polarization naturally modifies the whole electronic 
structure of an atom or an ion to some extent, and therefore also 
the energy with which the electrons are held in the ion. This 
results in a change of the absorption spectra and can also lead to a 
change in the colour of the ion. 

Halogen ions are usually colourless in combination with alkali 
metals, yet on the other hand, silver iodide is yellow, Hgig is red 
and the iodides of elements of higher valency are red, russet or 
even black. There are also some coloured chlorides, such as WClg, 
though most of them are colourless. Fluorides also are mostly 
colourless. Further, oxides are colourless when derived from ions 
of higher valency in the first four columns of the periodic system; 
V 2 O 5 , however, is brown. 

Then again AggO is dark brown, HgO red, ZnO white, but 
yellow at high temperatures. Iu oxides colour occurs in compounds 
containing ions of low charge, if they are elements of the sub¬ 
groups. The extra field of the subgroup ions appears to cause a 
strong polarization of negative ions. We shall not attempt to 
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explain these colours, for to do so would mean analysing the whole 
absorption spectrum. We can, however, accept the fact that by 
increasing polarization colourless ions with 8 - and 18-electron 
structures can become yellow, russet brown, brown or very dark 
in colour. 

These coloured compounds are in general unstable, which 
would appear to be in contradiction of the fact that strong 
polarization increases stability. This, however, is not so, for 
stability is always increased by polarization. Strong polarization, 
however, only occurs when there is a strong field between the ions, 
and that is when one of them is very small or has a low charge, or 
an abnormal structure, and without polarization such compounds 
would be much more unstable. It goes without saying that excluded 
from these considerations are such coloured compounds as the 
blue copper salts or the rose-coloured manganese salts in which 
the colour is due to the specific electronic structure of a hydrated 
or a non-hydrated ion. 

If a compound has a coordinated structure, then polarization 
would not be expected to produce a large effect, since each ion is 
symmetrically surrounded by a number of ions of opposite charge, 
the fields of which will neutralize one another, and thus lead to a 
very small residual effect. A dipole cannot arise in an ion in a 
coordinated structure; the most that can occur is an overall re¬ 
arrangement of the electron cloud as a result of polarization, but 
the energy change involved is difficult to calculate. Under 
certain special circumstances, it could lead to a lower coordination 
number. What, however, is of greater importance is that strong 
polarization can cause a coordinated structure to disappear. In 
section 12 we saw that in screened compounds the lines of force 
from the positive ion practically terminate at the negative ions, 
and there is little or no external field. In such, polarization plays 
a very important part. In CCI 4 the field of the positive ion attracts 
the electrons of the Cl^ ions inwards, thereby reducing the ex¬ 
ternal field of the molecule. In this way polarization has a big 
influence in bringing about the existence of molecular crystals. 
The effect will, however, not be a sudden change from a coordi¬ 
nated to a molecular structure, but there will be a number of 
transitional forms between the two extremes. 
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Let US consider a compound not belonging to either group, 
having neither the typical unscreened structure with small 
polarization energy such as NaCl, nor the typical screened com¬ 
pound such as CCI 4 with a large value. Molecules between these 
two extremes take a middle course in crystal formation and show 
some of the characteristics of both types. They can be said to 
profit from the favourable Coulomb energy of the coordinated 
crystal without giving up the benefits of polarization energy. 

Consider a crystalline com¬ 
pound which no longer satisfies 
the requirements of a coordin¬ 
ated structure, in which each 
ion is symmetrically surrounded 
by a number of ions of opposite 
charge. Such a crystal is shown 
in Figure 22 and is actually that 
of cadmium iodide. In this crys¬ 
tal every cadmium ion is still 
surrounded in a symmetrical 
manner by six ions of opposite 
charge but this is not so with 
the iodine ions, as can be seen 
from the figure. 

The energy content corresponding to the attraction between 
the oppositely charged ions is not as favourable as it could be and 
the energy would certainly be lower if the cadmium ions were 
arranged in a regular manner round the iodine ions, but then what 
would be gained as electrostatic energy would be lost as polariza¬ 
tion energy, because a regular arrangement with the iodine ions 
surrounded by cadmium ions would mean that the dipoles in the 
iodine ions would no longer exist. 

In cadmium iodide the crystal energy consists of two parts, 
electrostatic and polarization, and in a coordinated structure the 
electrostatic energy would undoubtedly be lower, but the term 
corresponding to polarization energy would be absent. The magni¬ 
tude of the latter will therefore determine whether the total energy 
is lower in a coordinated crystal, or in a crystal of the cadmium 
iodide type. Since the polarization energy of molecules has the form 



Figure 22 
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ae^llr^, it is apparent that the polarizability a and the radius of 
the ions will determine whether a coordinated crystal or a crystal 
without complete coordination will be formed. The polarization 
term will be large when a is large and r small, so that there is a 
strong tendency for the formation of incompletely coordinated 
structures where strongly polarizable negative ions occur together 
with a small positive ion of high charge, as for example in the 
sulphides and selenides of zirconium, hafnium, or a subgroup ion 
such as in cadmium iodide. Various forms of such structures are 
known, but we will merely note the peculiarities of crystals of the 
cadmium iodide type. As can be seen from Figure 22 the crystal is 
made up of a layer of metal ions followed by two layers of negative 
ions and then a further layer of metal ions etc. The two layers of 
negative ions will repel one another, but are prevented from 
increasing their distance from one another by the attraction of the 
layers of positive ions and by the van der Waals forces, which act 
between two adjacent layers of iodine ions. Under such circum¬ 
stances it is clear that the distance between the layers of negative 
ions will be fairly large, and the bond between them weak. All 
crystals of this type therefore have the property of being easily 
split along planes parallel to those of the layers of atoms. This 
tendency is so great that the crystals can be broken up by hand to 
form very thin plates which feel soft to the touch. This property 
is often a sufficient indication that the substance has this particular 
type of structure, while x-ray analysis proves it conclusively. 

Where there is very strong polarization, such as in hydrogen 
compounds, it can happen that molecules of the type AB no longer 
have coordinated structures; this is so in HCl, HBr and HI. The 
volatility of compounds is also influenced by the effect of polariza¬ 
tion on crystal energy, because the heat of sublimation on which 
the volatility depends is the difference between the energies in the 
solid and gaseous states. 

If the compound has a coordinated structure polarization does 
not affect the energy of the solid state but only that of free 
molecules. The heat of sublimation is the difference between these 
two quantities, and is thereby diminished; that is to say strong 
polarization increases the volatility of a free molecule. The effect 
on a screened molecule is the same, since here the polarization 
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of the solid is not very different from that of the free molecule, but 
polarization of the negative ion results in the external field of the 
central ion being reduced. 

Compounds which form crystals of the cadmium iodide type 
should naturally be fairly volatile, because the strong polarization 
which gives rise to this structure lowers the sublimation energy, 
and this is found to be so. In the subsequent section it will be 
shown that polarization can give rise to a less symmetrical 
molecular shape and it will be obvious that such compounds must 
also be relatively volatile. 


38. MOLECULES OF LOWER SYMMETRY 


Water belongs to the group of compounds of type ABg which, 
contrary to expectation, have a dipole moment, section 11. In a 
water molecule the oxygen ion, which is strongly polarizable, has 
two extremely small hydrogen ions which can come very close 
to it. It would be more accurate to say that they actually penetrate 
the oxygen ion, but this we can neglect for the moment and discuss 
the problem as if the hydrogen ions were on the surface of the 
oxygen ion, although this also is hardly correct because the surface 
is not precisely defined. Obviously the oxygen ion can be polarized 
strongly by the hydrogen ions, but the extent will depend on 
the positions of the smaller ions. If all three ions are arranged 
linearly there would be no polarization effects, because the effects 
of the two symmetrically placed hydrogen ions would be counter¬ 
balanced. This, however, would not occur if the two hydrogen ions 
were not symmetrically situated; each of them would then tend to 



induce a dipole in 
the oxygen ion, as 
shown in Figure 
23, The effect of 
these two dis¬ 
placements will 


Figure 23 Figure 24 Figure 25 produce a resul¬ 


tant moment as 


shown in Figure 24, In this position the hydrogen ions are more 
strongly attracted by the oxygen than in the original position. 
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because the negative charges of the oxygen are closer to the two 
positive ions and the positive charge of the nucleus is farther away. 
A force will act on both ions which will tend to bring them closer 
together, and they are attracted somewhat more strongly by the 
negative charge than they are repelled by the positive ones, 
Figure 25. The resultant tendency is that the two ions will try to 
get as close together as the mutual repulsion of their own charges 
allows. It is therefore obvious that a disturbance of equilibrium 
will change a linear structure to one of lower symmetry. Polar¬ 
ization therefore leads to this structure of the water molecule, and 
a quantitative calculation should show that the polarization 
effects result in the necessary lowering of energy. We will not 
carry out the calculation here; in any event it could not be exact 
because the necessary correction for penetration of the oxygen 
ion by the hydrogen cannot be applied. 

It is also possible to see qualitatively that this penetration effect 
alone will lead to a non-linear molecule. Let us suppose that we 
put three positive charges in a sphere uniformly filled with negative 
charges. The three charges will be attracted to the centre of the 
sphere and at the same time will repel one another. If the charges 
are equal then at equilibrium they will form an equilateral 
triangle. In water where the charge of the oxygen nucleus is much 
greater, the triangle will be flatter. 

Polarization gives a satisfactory explanation of the molecular 
shape of HgO and HgS. It also leads to a pyramidal shape for 
the molecules of NH 3 and PH3, for if the atoms were in a plane 
there would be no polarization, and the hydrogen ions would 
be drawn to one side of the molecule. If the other ions cannot 
penetrate the central ion, then strong polarization of the latter 
is a condition for lowering of symmetry. Can this also be the 
reason why SOg, ClgO etc are non-linear, while the molecules 
PCI3, ASCI3 etc are pyramidal in shape? It is to be noted that the 
less symmetrical molecules are formed only if the central ion has 
other than a noble gas structure. Such ions are more polarizable 
than the noble gas ones. The P^"^ ion still possesses two electrons 
of the M shell, which are less strongly held than those of the L 
shell and give rise to marked polarizability. Here again only a 
quantitative calculation can show whether the less symmetrical 
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structures can be explained on the basis of polarization alone. 
In so far as these involved calculations can be carried out, they 
show that polarization effects play an important part but are not 
in themselves sufficient to explain low symmetry and other effects 
than polarization are involved. We cannot continue to consider 
these compounds purely ionic in character and will find it 
necessary to explain the asymmetry on the basis of the homo- 
polar bond, section 49. Even in hydrogen compounds such as 
HgO and NH 3 we shall find we have to take into account their 
partial homopolar structure in order to arrive at a really satis¬ 
factory explanation of their structures. 


39. PERMANENT DIPOLE MOMENT 

Free ions occurring in a solution will move under the influence 
of a homogeneous electric field, the negative ions going to the 
positive pole, and the positive ions to the negative one. Measure¬ 
ment of the electrical conductivity of such solutions is the best 
method of determining the number and kinds of ions present, 
even when the ions are associated with solvent molecules. Mole¬ 
cules of the solvent will of course be transported with the ions, 
and special experiments can be made to determine the quantity 
being transported and hence to arrive at the number of molecules 
of solvent associated with each ion. 

According to the theory of Arrhenius the ions obtain their 
charge at the instant when the molecules dissociate, but the 
picture that .we have formed of the chemical bond leads to a 
completely different view in which ions are always present, as in 
solid NaCl, and these are separated from one another by the 
solvent; the question now arises whether it is possible to determine 
experimentally the size and charge of the particles making up the 
molecule. We have already established that solid NaCl is built 
up from charged atoms and therefore from ions. This follows 
inter alia from the agreement between observed and calculated 
crystal energies, but there is no proof that gaseous NaCl, in which 
free molecules occur, consists of ions. 
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Let us suppose that a molecule of HCl consists of a Cl“ ion 
and a ion and, neglecting the question of penetration of the 
Cl~ ion by the ion, it can be represented 
by Figure 26. It is clear that if such molecules 
are placed in a homogeneous electric field 
no electric current will result, because equal 
forces will act on both ions in opposite 
directions. The force which acts on an ion Figure 26 

of charge e is eF, if F is the field strength. 

It might be thought that the molecule could be dissociated by the 
field, but a simple calculation shows that this is impossible with the 
field strengths which are experimentally available. In electrostatic 
units the force to separate the ions is 2eF, whilst the Coulomb 
force between them is where a is the distance between the ions 
in the molecule, from which it follows that only when F> ejla^ 
will the molecule be dissociated by the field. The charge of an 
electron is 4-8 x lO"^® e.s.u; a can be given the value 3 x 10“® cm, 
so that the field must be greater than 4-8x 10"^^/18x 10“^® or 
greater than 2*5x10® e.s.u or 7*5x10'^ volt/cm. Such voltages 
can only be produced under very special conditions so that the 
possibility of splitting the molecule by an electric field is excluded. 

As the centres of gravity of the positive and negative charges 
in a molecule of HCl do not coincide it must have an initial dipole 
moment which, in a symmetrical molecule, can only be produced 
by polarization by an external field. In this example there are two 
charges e at a distance r giving a dipole moment of er. For NaCl, 
where we know the charges and the distance, /x can be calculated 
and we find 

+ re) - (4*18 x IQ-^^) X (2*76 x 10-«) 

= 13*2 X 10”^® e.s.u X cm 

If, therefore, we have a means of measuring the dipole we could 
discover whether the molecules really consist of ions. 

We have already seen that a polar molecule in a homogeneous 
field is not displaced, but that a couple is exerted by the field of 
strength F, the moment of which is cF.rf; this will tend to turn the 
molecule in a direction against the field. The significance of the word 
‘moment" now becomes clear; the dipole moment is the moment 
corresponding to unit field strength. 
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The forces which act on each charge tend to rotate the molecule 
against the field and in consequence the molecules will therefore 
be aligned in the field. This alignment must, however, not be 
thought of as being complete. A molecule originally at an angle 
to the field will be turned by the field, but will be undergoing 
vibration and the result will be that the mean position of the 
molecule will make a smaller angle with the direction of the field 
than before; there is therefore only a partial alignment of 
molecules. 

In order to elucidate further the effect of such an orientation 
let us suppose that all the molecules lie exactly in the direction of 
the field. The position will then be that shown in Figure 20, in 
which all the molecules have positive and negative charges. The 
only difference is that there the dipole was created by the field, 
whilst here the molecules are aligned because of their permanent 
dipole moments. Here also the lines of force of the molecules are 
opposite in direction to those between the plates of the condenser. 
As a result of the alignment of molecules, the field strength 
between the plates is diminished and the orientation of the dipoles 
also contributes to the dielectric constant. For a non-polarizable 
material the relation between dielectric constant and dipole 
moment is 

D - 1 p _ 4 7T fJL^ 

D + 2 3 ’ 3Rf 

where R is the gas constant and N is Avogadro’s number. The 
influence of the dipoles on the dielectric constant therefore depends 
on the temperature and diminishes as the temperature rises. This 
is easy to appreciate when it is remembered that raising the tem¬ 
perature tends to destroy the alignment of the dipoles, since the 
higher temperature causes greater molecular movement. 

In general, polar molecules will be polarizable and the ex¬ 
pression for the dielectric constant when both a and ft are taken 
into account is as follows 

D + 2 3 3 ' ~3RT 

and if a new constant (Boltzmann’s) is introduced such that 
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k = RjN, then we find for a single dipole 


D-\ Atz N 


(a + 

\ 3kTj 


D + 2 3V \ 3kr 

Since for gases D differs little from unity, we may put D + 2 
equal to 3, so that for a gas we have the relationship 

4 7Z N f , 

3kT, 


D - 1 + 


Ya + 

\ 3kT) 


By carrying out two experiments at different temperatures, a and 
/X can be found, and similarly the magnitudes of a and of /x can 
be found for all other substances, since similar formulae apply 
to dilute solutions and pure liquids. If a substance has no dipole 
then according to the theory D = 

D — \ —\ 


so that 




K-- 


4 TT 


D+ 2 + 2 3 

which is the same formula as that given in section 36. 


40. DIPOLE MOMENT AND STRUCTURE 

We should expect that all molecules of type AB would have 
dipole moments if they consisted of ions, yet it is found that the * 
molecules Hg, Og, Ng, Clg, Brg and Ig are non-polar. It is therefore 
clear that these molecules are not composed of ions, and that the 
formulae H+H“, C1+C1~ etc must be discarded. The chemical 
bond in these molecules must be of an entirely different kind from 
that in purely ionic compounds. We have already mentioned 
that we would expect NaCl to have a moment of 13*2 x 
whilst the experimental value is 10 X 10~^®. In view of the great 
experimental difficulties in measuring the dipole moment of NaCl 
in the vapour state, this agreement can be considered satisfactory. 

HCl has a moment of 1-0 x 10“^®, which is very much lower 
than we would expect for a compound built up from two ions 
with charge e at a distance of 2 A from one another. Two effects 
contribute to this lower value, the first of which is the penetration 
of the H+ which reduces the distance between the charges, and 
the second the polarization of the CL ion by the ion which 
creates a dipole opposed to that created by the ionic charges. Both 
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these effects, however, are quantitatively insufficient to explain 
the large discrepancy. CO and NO are still more baffling. If we 
assume the existence of two divalent ions, then the dipole moment 
should be about 2 ^(r+ + r~). If for + r“ a value of 3 A is 
taken, then jix — 29 x 10“^^ whilst the actual moment is only 
0-10 X 10-i« for CO, and 0-16 X IQ-^® for NO. There is therefore 
even less reason to regard the structures of these gases as ionic. 

Molecules of the type ABg should be linear and, therefore, if 
A and B are both ionic the three particles should lie in a line and 

the electric field should exert no 
^^ couple on the molecule. Figure 27, 

( ]__ If on the other hand, for some 

reason or other they are not linear, 

--then there will be a moment, 

f • Figure 28. This can be appreciated 

I _ I ^ linear 

^ structure the centres of gravity of 

Figure 27 the positive and negative charges 

coincide in the middle of the 
molecule, while in the less symmetrical structure the centre of 
gravity of the positive ions is at C, and of the negative at A, 
Figure 28. From measurement of the dipole 
moment we can therefore find out whether a struc¬ 
ture is linear or not, and in this way it has been 
determined that CO 2 , CSg and BeCl 2 are of this 
form, while HgO, HgS and SO 2 have the less 
symmetrical form. The results obtained from Figure 28 
measurements of dipole moments are completely 
confirmed by the results of electron diffraction experiments. It is 
easy to see that in a molecule AB 3 , where the three B ions form a 
triangle, there will be no moment if atom A is in the plane of the 
three others, but the moment will certainly not be nil for any other 
arrangement, if for example the molecule has the shape of a trigonal 
pyramid. Dipole measurements show that BCI 3 has the planar 
structure, but that NH3, PHs, ASH3, PClg, PBrg, AsClg, AsBrg, 
Asia, SbClg, SbBrg and Sblg are pyramidal. 

Doubt can arise at this point whether molecules with un- 
usxial shapes arc really ionic compounds. We must, however. 
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remember that dipoles arise because the particles still have 
some charge, otherwise, the moment would be zero. We still find 
ourselves faced by the problem as to how the particles in HCl, 
NO and CO can have charges, which are only fractions of that of 
an indivisible electron. The difficulty is partly resolved by bringing 
the polarization of the ions into the consideration, for if both ions 
in NaCl are polarized, it means that dipoles are created in both 

ions, which are opposite 
to the dipole caused by the 
charges, Figure 29. What 
in fact is measured is the 
resultant of these three 
dipoles. The observed di¬ 
pole is therefore always 
smaller than the dipole which is caused by the ionic charges and 
this explains the difference between the measured and calculated 
dipoles of the alkali halides. There is, however, no reason why 
there should be any such strong polarization in CO and NO and 
the low value of the measured dipole, 0-005 of the calculated 
value, cannot be explained by polarization effects alone. 



41. INFLUENCE OF DIPOLES ON BOILING POINT 


There will be an attraction between two polar molecules, the 
energy being a minimum when the two dipoles are as shown in 

Figure 30. If the two dipoles are equal, 
then the corresponding energy is 
-IfjL^lr^. This formula can easily be 
derived by considering the system as 
made up of a combination of four 
charges, Figure 30\ the expression for 
the energy will then consist of the 
following four terms 

__ —2e^d3 le'^d^ _ 2/Lt^ 

••3 u3 


oo 


I— 


Figwe 30 


r — d r r + d r{r^ — dF) 
in which it is assumed that the dipole distance is small compared 
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with the distance between the molecules. The expression becomes 
more complicated for any arbitrary position of the dipole; we 
can therefore express the energy as K[jl^ I where K depends on 
the angles made by the dipoles with the line joining their centres. 

In a liquid consisting of polar molecules this mutual attraction 
will give rise to an increase in the latent heat of evaporation. Be¬ 
tween two polar molecules there is in addition an attraction due 
to the fact that the field of one will induce a dipole in the other 
molecule and this induced dipole is attracted by the one that has 
produced it. We shall not investigate this phenomenon further, 
but note the fact that a dipole raises the boiling point of a com¬ 
pound. We will examine first the boiling points of a number of 
screened, symmetrical and non-polar compounds such as CF 4 , 
CCI 4 , SiCl 4 etc. The boiling points in such a series rise from the 
fluoride to the iodide and the explanation for this will appear later. 

Halides of carbon 
other than those given in 
Table XXVIII dxt known, 
and mixed halogen com¬ 
pounds also exist; the 
boiling points of these 
compounds are given in 
Table XXIX. In this series 
the boiling point rises by 
equal increments when 
one halogen is replaced 
in the compound by 
another, and the calcu¬ 
lated values given in the 
table assume equal incre¬ 
ments. It appears that the mixed halogen compounds have very 
small dipole moments. Each of the C-halogen compounds has 
moments which, however, almost wholly compensate one another. 
The compounds which also contain hydrogen have a moment 
because that of the C-H bond is smaller than that of the C-halogen 
bond. The total moment is, however, again nearly independent of 
the particular halogen present. For example, the compounds in 
the series CHCI3, CHClBrg, CHClgBr, CHBrs have practically 


Table XXVIII. Boiling Points 
of Screened Compounds 


BF, 

BCI 3 

BBfs 

BI 3 

172 

286 

363 

483 

CF 4 

CCI 4 

CBr 4 

CI 4 

143 

349 

463 

— 

SiFi 

SiCl* 

SiBr 4 

Sil 4 

187 

330 

426 

564 

POF 3 

POCI 3 

POBra 


233 

378 

466 


PFs 

PCI 3 

PBrs 


188 

c435 

— 
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the same values, but these are quite different from those of the 
series CH 3 CI, CHgBr etc. 


Table XXIX. Boiling Points of some Mixed Halides of Carbon 



CF 4 

CF 3 CI 

CF 2 CI 3 

CFC], 

CCI 4 

Observed 

143 

193 

248 

298 

349 

Calculated 


194-5 

246 

291-S 



CF 4 

CFaBr 

CFaBra 

CFBrg 

CBr 4 

Observed 

143 

— 

298 

380 

463 

Calculated 


223 

303 

383 

— 


CCI4 

CClaBr 

CCl^Bra 

CClBrj 

CBr 4 

Observed 

349 

377 

408 

433 

463 

Calculated 


377-5 

406 

434-5 



The boiling points no longer rise in a regular manner if the 
halogen is replaced by hydrogen, as can be seen immediately from 
Table XXX. In order to determine the correct boiling points for 
molecules of the type CX 3 H, 45C° must be added; for CXgHa 


Table XXX 

Boiling Points °K of Compounds of Carbon, Hydrogen and a Halogen 


Observed 

Calculated 

CF 4 

143 

CHF 3 

189 

135 

CH 3 F 3 

~212 

127-5 

CH 3 F 

199 

120 

CH4 

112 

Observed 

Calculated 

CCI 4 

349 

CHCI 3 

334 

290 

CHaClg 

314 

230-5 

CH 3 CI 

249 

171 

CH4 

112 

Observed 

Calculated 

CBr* 

463 

CHBra 

419 

CHaBfa 

371 

CHjBr 

277-5 

CH4 

112 

— 

375 

287-5 

200 

— 

Observed 

Calcidated 

CI4 

624 

CHIs 

496 

CH3I3 

455 

368 

CH3I 

318 

240 

CH4 

112 
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about 85C°, and for CXHg about 80C°, to the calculated values. 
By substituting hydrogen in CF 4 , the boiling point rises as a result 
of the creation of a dipole, and decreases again from CH 3 F to 
CH 4 when again we have a symmetrical molecule which is non¬ 
polar. Lastly in TableXXXI the boiling points and dipole moments 
of the hydrogen compounds of the last four groups of the periodic 
system are given. 


Table XXXI. Dipole Moments x 10^® and Boiling Points of 
Hydrogen Compounds and the Noble Gases 



CH4 

NH 3 

H 3 O 

HF 

Ne 

/X X IQI* 

0 

1-46 

1-84 

-^2 

0 

B.pt \ 

112 

240 

373 

293 

27 


SiH 4 

PH 3 

H 3 S 

HCl 

Ar 

IX X 

0 

0-55 

0-93 

103 

0 

B.pt 

161 

187 

213 

188 

87 


GeH 4 

AsHj 

HjSe 

HBr 

Kr 

IX X IQI* 

0 

0-15 

~0-4 

0-78 

0 

B.pt 

183 

218 

231 

206 

122 


SnH 4 

SbH 3 

H^Te 

HI 

Xe 

IX X 101» 

0 

~01 

~0-2 

0-38 

0 

B.pt 

221 

256 

271 

238 

164 


From this table the effects of the dipoles are immediately ap¬ 
parent. The hydrogen compounds of the fourth group have low 
boiling points just like the noble gas that follows them in the 
periodic system. If they contained no dipoles we would expect 
the boiling points of the hydrogen compounds between those of the 
fourth group and the subsequent noble gas to have intermediate 
values. The dipole moments, however, raise the boiling points, 
especially in the smaller molecules of the first row, in which the 
effect will be greatest since the energy of the dipole attraction is 
inversely proportional to the third power of the radius of the 
molecule. It can be seen from the table that the boiling point of 
water is particularly high. 
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CHAPTER VIII 


WATER AS A COMPONENT OF 
COMPOUNDS AND SOLUTIONS 

42. THE SPECIAL PROPERTIES OF WATER 


Water has a number of exceptional properties, one of the most 
striking being that ice has a lower density than water. There 
are very few other substances in which the liquid is denser 
than the solid, the best known being bismuth. Water is the only 
substance which shows a maximum in its density, and the expan¬ 
sion coefficient is negative between 0° and 4°C. In other words, in 
this temperature range water contracts on heating. We have 
already seen from the table of boiling points of hydrogen com¬ 
pounds that water has a fairly high value in comparison with those 
of the other compounds, and the heat of vaporization must there¬ 
fore also be fairly large. 

Water also possesses the property of dissolving a variety of 
substances and causing their ionic dissociation. There are very few 
other compounds which compare with water in this respect, with 
the exception perhaps of liquid HF, HCN and HCONHg, although 
these compounds have been far less investigated because of the 
experimental difficulties in using them. 

Lastly, water has the property of forming chemical compounds 
with other substances, which was dealt with under the heading 
COMPLEX COMPOUNDS. Next, however, to the acids and bases there 
are also crystal hydrates such as CUSO 4 . 5 H 2 O, CaCla.bHgO, and 
the hydrates of a range of organic compounds, for example 
CCI 3 COH.H 2 O, all of which differ markedly from the complex 
compounds considered earlier. 

The peculiar properties of water are as important in biology as 
in chemistry; life on this planet would be quite different ^were it 
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not for them and, if ice were heavier than water, then a large part 
of the earth would have quite a different climate. When water 
freezes an ice crust forms on the top and to a large extent prevents 
further freezing, since the heat in the water is lost by conduction 
and radiation through the ice crust, a much slower process than 
if the surface were water. Again, the maximum in the density 
prevents the formation of ice. If water had a normal coefficient of 
expansion, cold water would sink and the warmer water rise to 
the surface. Actually this process occurs only until a temperature 
of 4°C is reached, after which the colder water remains above 
and the heat from the lower depths is only lost by conduction and 
radiation. Both these phenomena have the effect of preventing 
the formation of ice; a far greater cooling of the earth’s surface 
would result if ice were formed at the bottoms of lakes and seas. 
Calculations show that a large part of the earth, under such 
conditions, would have a polar climate. 

The great solvent power of water, especially for ionic com¬ 
pounds, is due to its dielectric constant, which if it were only, say, 
10 instead of 80, would mean that it could dissolve only a trace of 
sodium chloride. The solvent action of water naturally plays an 
important role in geology. In biology, water functions as a means 
of conveying salts and other substances which circulate in the 
bodies of animals and plants. It is outside the scope of this book to 
discuss any further the function of water on this planet, a subject 
which could fill volumes. Now we know that a water molecule has 
a dipole moment and we will therefore see whether perhaps this 
can provide an explanation of these unique properties. 


43. WATER AND ICE 

We saw in section 41 that attraction between two dipoles in the 
vapour state could lead to the formation of double molecules. 
This phenomenon is called association and is observed with water, 
acetic acid, and other substances containing a polar OH group. 

In the liquid state the situation is quite different; each molecule 
is in almost continuous contact with a number of its neighbours. 
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If wc try to imagine what a liquid really is, then we probably 
conclude that it can in most respects be likened to a gas. In a 
crystal, or in the solid state in general, the molecules or ions can 
be arranged neatly in the lattice, while in a gas they are in a state 
of complete disorder. It is natural to think of a liquid in a similar 
state of disorder because of the difficulty of imagining it to have 
any structure at all. It is, however, quite incorrect to assume that 
no structure exists. Let us consider a molten salt, for example 
NaCl. Its electrical conductivity shows it to be almost completely 
dissociated into ions. If attention is focused on a single ion then, 
when complete disorder reigned in the liquid, there would be in the 
immediate neighbourhood of the ion an even chance of encountering 
a similarly charged ion or one of opposite charge. This, however, 
cannot be correct since as a result of the electrostatic forces there 
will always be a tendency for the positive ion to be in the im¬ 
mediate neighbourhood of the negative ions, and vice versa. There 
must therefore be some residual structure in the liquid whereby 
each positive ion is surrounded by negative ones, and so on. Such 
a structure is of course not as regular as a crystalline one. Perhaps 
on the average each ion in the molten sodium chloride will be 
surrounded by six ions of opposite charge, yet at any given moment 
there may only be four or five ions surrounding a Na+ ion and at 
another seven or eight, and their arrangement will never be 
completely regular. In other words the immediate environment of 
each ion will be similar to that in a crystal, but farther away from 
the ion the environment will be quite different and there will be no 
long range order as is found in a crystal. However, x-ray investiga¬ 
tion has definitely shown that liquids possess a somewhat 
disordered structure in which only the immediate environment 
of each particle is in any way similar to that of the same particle 
in a crystal. 

When water crystallizes, the dipoles will be so arranged that 
their energy is as low as possible, but it is not a simple matter to 
calculate what this arrangement will be. The problem can, how¬ 
ever, be approached in another way by examining the structure of 
ice by x-ray analysis. This shows that each water molecule is 
surrounded by four others, two of which attach themselves with 
the negative ends of their dipoles to the two ions, while 
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the H+ ions of the other two molecules attach themselves to the 
negative end of the molecule in question. Such a structure is very 
open, as can be realized from the fact that when spheres are packed 
as closely as possible, each one is surrounded by twelve others. 
Ice therefore has a low specific gravity. It melts at 0°C or in other 
words the thermal movement becomes so strong that the dipole 
attractions can no longer keep the crystal in an ordered state. 
This presumably will take place as a result of the increasing rota¬ 
tion of the molecules. When a molecule rotates while its dipole 
is opposite another one, it will be as frequently in the position 
of attraction as of repulsion so that the mutual attraction of 
the dipoles vanishes altogether. In addition to the mutual attrac¬ 
tion of the dipoles there are other forces acting between molecules, 
namely the polarization forces which have already been discussed, 
and the van der Waals forces which will be described later. These 
latter forces are not affected by the rotation and whereas the 
dipoles strive to produce a definite structure, these other forces 
cause the molecules to come as close as possible to one another. 
Therefore as soon as the dipole forces cease to act after melting 
has taken place, the cohesion in the lattice is determined mainly 
by the van der Waals forces which make the substance denser. 
After the structure of ice has disappeared, the liquid still retains 
some residual structure so that the density will continue to 
increase as the temperature rises. It is only after the temperature 
4°C is reached that this contraction is compensated by the normal 
coefficient of expansion, but even then the structure has not com¬ 
pletely disappeared. This is true even at the boiling point when 
there is still a residue of coherence to produce the rise in boiling 
point which was mentioned earlier. 

It still has to be explained why the boiling points of NH 3 and 
HF are not also high. This is due to the fact that water with its 
two positive poles can easily form a lattice, whereas HF molecules 
with only one positive and one negative pole in each can at most 
only form chains or rings. In ammonia which has three positive 
poles, a structure similar to that of water cannot be formed so 
we see again that it is only a very special combination of 
circumstances which gives rise to the properties of water. 
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It was explained in section 13 that the solution of an electrolyte 
in water is not a simple dissociation and that a quantity of energy 
of the same order of magnitude as that of the dissociation 
energy is released on solution, for we know that even if the heat of 
solution is negative, this is many times smaller than the dissocia¬ 
tion energy. Since water has a dipole moment, it is reasonable to 
assume that this energy is released through the attraction of the 
dipoles by the charges of the ions. Water molecules therefore 
combine with the ions, a process called hydration, or for solvents 
other than water ‘solvation’. 

The potential energy of a dipole with charges e' and —e at a 
distance d from one another, and an ion with charge at a distance 
r from the dipole. Figure 31, will be 


E 


ee ee ^ 

r-0-5d ~r + 0-5d) 


ee'd 

r^-0-25d^ 




in which it is assumed that the dipole 
lies at the midpoint of the molecule. 

The least distance to which the ion 
and dipole can approach each other is 
equal to the sum of the radii of the two. 
If a value of 3A is assumed for this, then 
the energy is 


(4-8 X ]0-i«)(2 X 10-«) 


-1-1 X 10-12 erg 


(9 X 10-i«) 

If therefore 1 gm mol of NaCl is dissolved in water in which 2N 
ions are formed, and if it is further assumed that on the average 
each ion combines with n dipoles, then we obtain for the total 
hydration energy 


/f = (11 X 10 12 ) fi X 2N erg = 1-3 x lOi® n erg = 30n kcal 


From section 13 it will be remembered that a value of 188 kcal 
was found for the dissociation energy per mol, or crystal energy. 
If, therefore, each of the ions combines with six water molecules, 
an amount of energy is released which almost compensates the 
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dissociation energy. In any exact calculation of hydration energy, 
account must be taken of a number of factors including the mutual 
repulsion of the dipoles, polarization effects and thermal move¬ 
ment etc, but the order of magnitude of the hydration energy is 
not altered by these factors. Small highly charged ions, as a result 
of their stronger field, are hydrated to a greater extent than large 
ions of low charge. 

NaBr dissolves completely in an excess of water, but with 
less water a hydrate NaBr.HgO is formed. The hypothesis could 
be put forward that the dipole of the water penetrates between the 
ions of the lattice. Such a process will require energy in order to 
move the ions sufficiently far apart to provide space for a water 
molecule, but by the same process energy would be released be¬ 
cause the positive ion would then come close to the negative, and 
the negative ion close to the positive pole of the water molecule. 
The calculation of the energy of a crystal hydrate is extremely 
complicated, but in order to get an idea under what conditions 
this process can occur, we will not consider a crystal but the single 
molecule A+B“. Taking the radii of the ions as /"** and r~~ the energy 
of the molecule is + r-). In order to bring a water mole¬ 

cule in between, the distance between the ions must be increased 
from + r“ to /'+ + '*“+ 2r^, in which is the radius of the 
dipole molecule, considered as a sphere. For such a process the 
necessary energy is 

+ r-) - e^l(r+ + r- + Ir^) 

By introduction of the dipole, the positive pole is now at a distance 
r" + from the negative ion; this corresponds to a release of 
energy of amount e^l{r~ + and because the negative pole is 
now close to the positive ion, the energy gained is + r^y. 

The total energy gain in the formation of a hydrate is therefore 

r+ + r-^ r++r-+ Ir^ (r+ + (r- + 

On introducing the values for the ionic radii of Na+ and Br~, and 
the value of 1 -84 x 10*"^® for (m, and giving the reasonable value 
of 1 A, then the heat of formation of Na'^(H 20 )Br'' amounts to 
+ 0*24 X 10^^ erg = + 6 kcal. 

The result depends to a large extent on the radii of the ions, 
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small changes of which can easily alter the sign of the energy. 
When the radii become smaller, the first term of the expression 
will be mainly affected and the energy of formation of the hydrate 
can very easily have large negative values or, in other words, 
hydrates are not to be expected from compounds containing small 
ions. Thus the alkali halides, LiF and NaF, form no hydrates. 
High ionic charges of both ions will influence the first two terms 
more than the last two, because of the occurrence of the squared 
term. Since the first term is always larger than the second, an 
increase of charge must always tend to prevent the formation 
of a crystal hydrate; in fact there are no hydrates of MgO, CaO 
and AIN; and, while Mg(OH )2 can be called a hydrate of MgO, 
it is in fact not a true one in the sense that the water molecule 
does not penetrate between the ions. 

Absorption spectra of the compound NaBr.HgO show water 
molecules as such to be present in the compound, although the 
bands are of course somewhat altered. Formation of crystal 
hydrates can be considered as a first stage of solution. The first 
water molecules are taken up in a regular manner in the lattice 
and surround the positive ions. From an x-ray analysis it is known 
that in many hydrates containing six molecules of water such as 
CaClg.bHgO, the water molecules are arranged round the positive 
ion and the formula Ca(H 20 ) 6 Cl 2 is thus reasonable in view of 
the structure. When more water molecules are taken up, then the 
ions are loosened from the structure and each of them goes into 
solution with its portion of water molecules attached to it. From 
this very simplified picture of the formation of crystal hydrates and 
of solution we can for the moment conclude only that small ionic 
radii and high charge of both ions will tend to prevent the 
formation of crystal hydrates and solutions. It will now be shown 
that those cases which have Jjeen proved difficult to compre¬ 
hend, such as the insolubility of the halides and chalcides of 
subgroup elements AgCl, Agl, ZnS, CdSe etc, will become clearer 
when a correction for polarization phenomena is introduced. 

The extra field of the subgroup ions certainly plays a part in the 
low solubility of these compounds, but we cannot say that this 
alone reduces solubility since AgF, in which the fluorine ion is 
particularly small, is freely soluble in contrast to AgCl and 
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the other silver halides. It must be kept in mind that in general, 
lattice energy and hydration energy tend to balance one another 
to within a few kcal. The magnitude of this small difference will be 
influenced by a number of other conditions including polarization. 
The strong field of the subgroup ion will mean that a silver ion 
will try to surround itself with strongly polarizable particles. If a 
silver ion in water is brought into contact with chlorine ions then 
these will be strongly attracted, but since the negative ions are only 
weakly polarizable, such as F~, CIO^ and SOf"", this effect will be 
small and the water molecules will be still more strongly attracted 
due to polarization. The silver ion then remains in the water 
and does not form a lattice, so that AgF, AgC 104 arc soluble, and 
AgCl, AgBr and Agl are insoluble. It is important to note that 
in the subgroups the order of solubility is quite different from 
that of the ions of the principal groups. Thus, for example, of the 
potassium salts the fluoride is soluble but not the perchlorate, 
whilst the small lithium ion forms a fluoride of low solubility and 
a perchlorate of high solubility. A complete and satisfactory ex¬ 
planation of these complicated phenomena cannot be given unless 
all factors such as polarizability, size etc are taken into account. 

We will not discuss them further here but we still have to 
consider the effect of the positive ion on the lattice energy of the 
solid and on the hydration energy. The perchlorate ion contains 
a highly charged central ion and, since this repels positive ions 
strongly, HCIO4 is a strong acid. This positive ion will not only 
repel the ions but also other small ions, especially when they 
have an extra strong field like the silver ions. This repulsion must 
lower the crystal energy in the solid salt and is one reason why 
AgC 104 is so soluble. 

If silver is combined successively with the ions of progressively 
lower acidity ClOj, SOf” and PO|“", then the solubility should 
decrease, which in fact it is found to do. With a large ion such as 
caesium this effect is no longer present because the centre of 
the caesium ion is further removed from the central ion of the 
negative complex ion so that the order is reversed and CSCIO 4 is 
very insoluble, CS 2 SO 4 moderately soluble and CS 3 PO 4 very 
soluble. 

Finally, it must be remembered that the hydration is also 
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influenced by the structure of the ion. In view of the fact that the 
positive pole of a water molecule attaches itself to the negative 
ion, the molecule will be repelled by the positive nucleus of the 
positive ion. This means that the ion of a strong acid has a small 
hydration energy and will therefore have a smaller heat of solu¬ 
tion and therefore the tendency to form insoluble compounds. 
This effect is shown when CIO4 combines with a large ion and has 
to be taken into account in explaining the solubility behaviour of 
caesium salts, which increases in the order CIO4 -> SO4” -> POf“. 
From what has been said it appears that the phenomenon of the 
solubility of electrolytes in water is so complicated in view of 
the many factors which must be taken into account that no 
complete description of it as a whole can be given. Van der Waals 
forces, which will be dealt with in section 46, also have an im¬ 
portant effect on the dissociation, especially on compounds of the 
ions of the subgroups. 

It is obvious that a non-polar molecule cannot penetrate into 
the crystals of an electrolyte nor dissolve it. This explains why, for 
example, NaCl is insoluble in benzene, CCI 4 , CS 2 etc which are 
non-polar. On the other hand, nitrobenzene is even less a solvent 
for salts, yet its dipole moment of 4 X 10“^® is larger than that 
of water. It must, however, be remembered that the molecule 
CeHsNOg is also much larger than that of water and consequently 
the larger dipole cannot approach so closely to the charges of the 
ions. A liquid to produce easy dissociation must have small 
molecules with large dipole moments. 

Although ethyl alcohol CgHgOH is a much larger molecule than 
water, it is nevertheless a good solvent which is due to the fact 
that the dipole in alcohols between the 0 ^“ and ions lies in 
the OH group, which determines the property of these compounds. 
This dipole lies on the surface of the oxygen ion and not, as in a 
chloride, in the group ~C+-C1“ behind the relatively large Cl~ 
ion. Thus, in the alcohols the dipole can come close to the charges 
of the ions or to other dipoles in spite of the size of the molecule. 
To decide whether one liquid is a better solvent for salts than 
another with an equally large dipole moment, we have to look into 
the details of the structure of the two molecules to see where the 
dipoles are located. 
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A further complicating effect in the problem of solubility is that 
not all compounds decompose into ions on solution. A typical 
example of such a compound is HgClg, and obviously the energy 
is lower in a solution containing undissociated molecules. The 
energy change in the solution of a compound to undissociated 
molecules is 

0^ = -S+H 

in which S is the heat of sublimation of the compound and H the 
hydration energy of the whole molecule. On the other hand we 
found earlier that the heat of solution to ions is 


( 9 "+- - £/+ +//- 

Now (JT+ + H~) is unquestionably much greater than H, so that 
can only be greater than 0“+ if S is small. Thus only those 
compounds with a small heat of sublimation, and therefore rela¬ 
tively volatile, will dissolve as complete molecules and HgClg, as 
its name ‘sublimate’ implies, has this property. Here it is the 
strong polarization of the molecule which lowers the heat of 
sublimation and mercuric chloride does not have a true co¬ 
ordinated structure. 

The insolubility of AgCl is due to the increased crystal energy 
caused by the extra field of the subgroup ions, but AgCl still forms 
a coordinated structure. If the extra field of the subgroup ion is 
stronger, it can lead by polarization of the negative ion to the 
formation of the molecular crystal with a lower heat of sublima¬ 
tion. The circumstances are then favourable for solution to a 
n on-dissociated molecule, especially if the polarization is still 
insufficiently strong to reduce the electrical field of the molecule to 
a negligibly low value, for then the hydration energy of the mole¬ 
cule always has a value high enough to cause solubility. If the 
polarization is so great that the molecule can no longer be 
considered as ionic, then the molecule becomes insoluble in water. 

When we look at the series NaCl — AgCl — HgClg-CCI 4 , 

then we see that by increasing polarization or transition to a more 
covalent type of bond the solubility is first decreased, followed by 
the formation of solutions containing undissociated molecules, 
and finally the compound becomes completely insoluble. 
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A MOLECULE, to have the same property as water of solvating 
ions, must have a dipole of the same order of magnitude and not be 
much larger in volume. We would naturally chose HF and NHg 
as the most likely compounds. HF is not easy to work with, and 
consequently has not been investigated to any great extent. With 
NHg, however, we know that like water it penetrates between the 
ions of a crystal or a molecule, and that a number of very interest¬ 
ing compounds are formed in this way. 

When CrClg is dissolved in liquid ammonia the NHg molecules 
penetrate between the ions until the Cr^"^ is completely surrounded 
by ammonia. The final state is represented by the solid compound 
Cr(NH3)6Cl3 which is built up of Cr(NH3)6‘^ and Cl“ ions. This 
compound is quite comparable with hydrates of the type 
Ca(H30)302 as with a complex composed of ions. The only 
difference is that here the Cr^'^ is combined not with ions but with 
whole molecules through their dipoles. 

A compound Pt(NH3)6Cl4 can be formed from PtCl4. In addi¬ 
tion Cu^’*' ions can easily form compounds of this kind, and the 
deep blue colour observed when excess of NH3 is added to a 
cupric salt is due to the formation of the Cu(NH3)4‘^ ions. By the 
choice of experimental conditions, complexes can be formed con¬ 
taining water as well as ammonia, and also containing other 
polar molecules such as NO and even CO. There are therefore 
innumerable possibilities of this kind of complex formation; 
especially as penetration between the ions does not necessarily 
have to be complete. Besides the compound Pt(NH3)6Cl4, another 
occurs with only five NH3 molecules, in which there is still room 
for one chlorine ion attached to the Pt^“^ ion so that its formula is 
[Pt(NH3)5Cl]^+Cl3. We can extend the series as far as a compound 
with the ion [PtClg]®”, which amounts to the same thing as suc¬ 
cessive substitution of NH3 by chlorine. The following ions are 
also obtained in this way: [Pt(NH3)e]^'^, [Pt(NH3)501]^'*', 
[Pt(NH3)4Cl2]2^ [Pt(NH3)3Cl3]^ [Pt(NH3)3Cl4]«, [Pt(NH3)Cl5]- 
and [PtCle]2-. 

We have already met the last of these ions in the complex salt 
KgPtCle. We also know that the bond between Pt^'*’ and Cr ions 
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is so strong that practically no dissociation occurs, but when the 
chlorine is not directly bound to the platinum it will dissociate 
very easily indeed. The series of compounds, proceeding from 
[Pt(NH3)6]^‘‘'Cl“ to KaCPtClg) will give successively 5 , 4 , 3 , 2 , 0 , 
2 and 3 ions. The conductivities therefore of solutions of these 
compounds containing the same number of molecules must be 
proportional to these numbers. Pt(NH3)2Cl4 is not an electrolyte, 
and this compound corresponds to a minimum in the conductivity 

curve as shown in 





Figure 32 . The 
gap in the series 
is due to the fact 
that it has not 
yet been possible 
to prepare 

KPt(NH3)Cl5. 

Analogous 
curves have been 
found for the 
series derived 
from PtClg and 
C0CI3. Most al¬ 
kali halides form 
ammoniates with 
ammonia in an 
analogous man¬ 
ner to hydrates; 
when they are 
dissolved in water 
the ammonia is 
replaced by 
water, because 
the hydrate is the 
more stable. 
With the cupric 
salts, behaviour 


is reversed and the hydrate even in the presence of excess water is 


decomposed by NH3 to form the ammoniate. On closer investiga- 
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tion, it appears that in general the hydrates are more stable with a 
large positive ion of low charge and having a noble gas structure, 
whilst with an ion of small radius, high charge and abnormal 
structure, the ammoniates are the more stable. An ion with a 
strong field favours the formation of ammoniates. 

It might at first sight be thought that, since the dipole moment 
of water is larger than that of ammonia, the hydrates would be 
more stable, which is certainly true when the field of the ions is 
weak and polarization consequently has little effect. The energy of 
an ion with respect to a dipole was found to be which can 

be written —F/x since the field of the ion is given by ejr^. The 
attraction due to polarizability is equal to — F/x^, but /x„ is 
now the induced dipole which is superimposed on the permanent 
one. Therefore /x^^ is equal to aF, so that the attraction of the 
molecule as a result of polarizability is given by a term —aF^ 
which is particularly important for high field strengths. When 
field strengths are large, we must not ask which molecule has the 
greater dipole but which is the most polarizable, and in particular 
the a value for NH3 is 2-4 x 10 “^^ while the polarizability of 
water is 1*5 x 10 “^^ 

We have thus found a qualitative explanation for the differences 
between hydrates and ammoniates. The question does arise, how¬ 
ever, whether they are in fact explicable by polarization effects 
alone, since certain phenomena indicate that the ammoniates are 
not true ionic compounds. There was equally well some doubt 
whether the low symmetry of some molecules could be explained 
on the basis of polarization effects. One reason for doubt arises 
from the fact that there are complexes with CO, wherein the CO 
can displace ammonia. The dipole of CO is, however, very small 
and it therefore seems impossible that the stability of complexes 
containing CO is determined exclusively by the electrostatic 
attraction of permanent and induced dipoles. 

These uncertainties are increased when we take into account the 
existence of compounds of CO with metals, the carbonyls such as 
Fe(CO)B, for which no electrostatic model is conceivably possible. 
The iron is naturally not present in the compound as an ion; how 
then can the attraction for the CO molecules be explained? Even 
in the straight ammoniates there is some doubt regarding the 
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validity of the simple electrostatic representation of the structure, 
as it is found experimentally that the magnetic properties of 
halides are radically altered by the taking up of molecules of 
ammonia. This shows that some of the electrons are influenced 
by the positive ions of the ammonia molecules in a way which an 
electrostatic picture cannot explain. 
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CHAPTER IX 


NON-ELECTROSTATIC BONDS 

46 . VAN DER WAALS-LONDON FORCES 

The conception of the electrostatic bond has been found to be 
most valuable in the field of inorganic chemistry and has helped 
us to understand a great many phenomena. It has frequently made 
it possible to predict properties of unknown compounds and of 
those which have been little investigated. Nevertheless, a number 
of difficulties have been encountered. For example in section 38 , it 
was shown that the theory did not really provide a satisfactory 
explanation of the low symmetry of molecules. Again, the theory 
failed to explain the volatility and small dipole moment of the 
compounds CO, NO, ClgO etc and lastly it threw no light what¬ 
ever on the reason for the existence of molecules of elements such 
as H2, CI2, O2, N2 etc, especially as dipole measurements show 
that the formulae H+H"", C 1 +C 1 “ are excluded. 

Another explanation must therefore be found. Now we know 
that besides forces of an electrical character there are others which 
act between atoms. Even the noble gases attract one another, 
although they are non-polar and have spherically symmetrical 
electronic structures. These so-called van der Waals forces cannot 
be explained on the basis of classical mechanics and London was 
the first to find an explanation of them with the help of wave 
mechanics. He reached the conclusion that two particles at a dis¬ 
tance r have a potential energy which is inversely proportional to 
the sixth power of the distance, and directly proportional to the 
square of the polarizability, and to a quantity 9 which is a func¬ 
tion of the ionization and excitation energies of the atom, so that 

The energy for two different atoms is 

9i ?2 ^ 2 /^® 
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This formula explains why the boiling points of shielded halides 
increase from the fluorides to the iodides, section 41 . As the 
polarizability increases in this order more strongly than the third 
power of the distance, the energy required to separate the mole¬ 
cules in the liquid increases from the fluorides to the iodides. The 
increase of the boiling point of the series of noble gases from He 
to Ra, of the halogens from F2 to I2, and of the screened chalcides 
from the oxides to the sulphides, depends on the same effect. The 
formula also provides an explanation for the systematic linear 
progression of boiling points in the series CCI4, CClgBr, CC^Brj, 
CClBrg, CBr4 etc. 

Can the van der Waals forces lead to the formation of chemical 
compounds? The two Cl atoms in a molecule Clg will certainly be 
attracted to one another by a van der Waals-London force but we 
shall subsequently show very simply that these forces alone can 
never lead to the formation of a chemical compound. The peculiar 
property of these forces is that they always strive to bring like 
atoms together. Suppose we have a dilute gas mixture containing 
N atoms of A and N atoms of B; further let us imagine that the 
van der Waals-London forces lead to the formation of molecules 
AB from these atoms; the energy of the system is then 

AHi N-y/ <p^,p^ a^aj(r^ + r,)* 

If we were to form 0 - 5 A molecules of A2 and 0 - 5 A molecules B2 
then the energy would be 

= 0 - 5 N 9, a^/( 2 rj« + 0 - 5 N 9, /( 20 «} 

If it can be shown that AHi> AH^ then the molecules AB will 
not be formed, and this may be proved thus: 

From (a —6)* > 0 it follows that Nab < 0-5 N (a® + 6®). 
Substitute a = 'v/'Pa “a/( 2 ''a)® and 6 = a/<Pb and we 

then find that 


N 


V 9 *<Pb 


o. tt. 


26 ;. 3. 3 


< 0 - 5 A| 




+ 


9b 


i2r^ 




and since (r* —rj®> 0 it follows that (^a + r3)®> 
(/•^ + Tb)* > 2 VJ Therefore we have 


and 
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^ VyAyagA^B 
+ ^)* 


from which we obtain 

_ N ^ ' 

('•* + 0’ 

The energy of the combination AB is thus higher than that of 
O-SAa + O-SBg. This result can be proved equally well for other 
combinations. Van der Waals-London forces, therefore, although 
very important in the mutual cohesion of atoms and molecules, 
can never lead to an actual chemical combination. 

The forces causing chemical combination must be of a com¬ 
pletely different kind and must lead to a definite saturation. When 
two chlorine atoms combine together to form a molecule CI2, a 
third atom can not be added; whilst the van der Waals-London 
forces will always tend to add still further particles to an existing 
combination. They can lead to the formation of lattices but not 
to separate molecules with a fixed number of particles. 

Strictly speaking, the van der Waals-London forces should be 
taken into account in any consideration of energies of compounds. 

In general, the correction is 
small because the a of the 
positive ion is usually small. 
Only in compounds of the 
subgroup elements are the 
effects of these forces per¬ 
ceptible because the polar¬ 
izability of the subgroup ions 
is appreciably greater than 
that of the ions of the main 
groups. This effect contributes 
to the low solubility of the 
halides and chalcides of ele¬ 
ments of subgroups, such as 
AgCl, Agl, CdS, CdSe etc. 



<N 


V <Pa 9b 
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-> 
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section 44. The effect of the van der Waals-London forces is to 
surround each particle with the highest possible number of like 
neighbours and this effect will lead to the formation of lattices 
with higher coordination numbers if the ions are strongly polar¬ 
izable. The fact that CsCl, CsBr and Csl crystallize in the CsCl 
system is mainly due to this. A correction must accordingly be 
made to the hypothesis of Goldschmidt governing the relation 
between lattice structure and ionic radii, see Appendix. 

The van der Waals-London forces play a particularly important 
part in the formation of molecular lattices even when the mole¬ 
cules still have an ionic structure; 
screening and polarization 
diminish the effect of electro¬ 
static forces to a great extent, 
and the van der Waals forces 
are therefore preponderant. Ex¬ 
amples of substances which form 
molecular lattices are those of 
the type XY4 such as CCI4, CI4, 

SnCl 4 etc. In these a small 
positive ion is surrounded by 
four large halogen ions in the 
form of a tetrahedron, with the 
result that the external electric 
field of the positive ion is very weak. Mutual attraction of mole¬ 
cules is often exclusively the result of the van der Waals forces 
which act between all atoms and ions, and therefore the molecules 
of the halogens, oxygen and nitrogen etc combine to form 
molecular crystals at sufficiently low temperatures. In this way 
all atoms attract all others and the van der Waals forces strive 
to surround every particle with as many others as possible. If the 
particles are spherical then this leads to a dense spherical packing, 
shown in Figure 33, This arrangement is a regular one, but there 
is still a further type of packing equally closely packed, which 
corresponds to the symmetry of a crystal of the hexagonal class, 
Figure 34, 

We shall be concerned mostly with the regular packing which 
occurs when spheres are placed together two by two, or joined 
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three by three in such a way that the midpoints form an equilateral 
triangle, just as four spheres are placed in a tetrahedral arrange¬ 
ment. Thus molecules of the type XYg and XY 4 can form mole¬ 
cular lattices with the closest packing of the negative ions as long 
as those ions are spherical and the positive ions are small so that 
the mutual contact of the negative ions is not prevented. Insofar 
as the structures of such substances have been investigated, they 
show the negative ions to have the closest-packed structures, or 
very nearly so. 


47. MUTUAL SOLUBILITY 

A HYDROCARBON is negligibly soluble in water, but equally well 
water is insoluble in the hydrocarbon. Methyl alcohol is soluble 
in water in all proportions but not in a hydrocarbon. A higher 
alcohol is only slightly soluble in water but is freely soluble in 
hydrocarbons. Water and hydrocarbons so far as their solubilities 
are concerned are opposites; what is soluble in one is insoluble in 
the other. Thus, sodium chloride dissolves in water but not in a 
hydrocarbon, sulphur is insoluble in water but soluble in a hydro¬ 
carbon. We can reasonably infer that these differences largely 
arise from the fact that water is a polar substance while the 
hydrocarbon is not. 

Let us consider the addition of the hydrocarbon hexane to 
water. The water molecules are held together by dipole forces, so 
that energy must be expended to detach one molecule; this 
energy* would not, however, be regained if the water molecule 
were in the hexane, because the water molecule could find no polar 
point of attachment. The dipole attraction in the water therefore 
prevents the water mixing with the hexane. Similarly, the hexane 
molecules will not mix with the water, because the energy required 
to remove a water molecule is not regained if a hexane molecule 
is brought into the new environment where the water molecule 
will exert no attraction on the non-polar hexane molecule. The 
dipole attraction thus prevents not only the separation of the 
water molecules but also the ingress of non-polar molecules. A 
substance with a strong dipole does not mix with a non-polar one, 
and vice versa. 
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In fact the problem is a great deal more complicated because, 
in addition to the dipole-dipole attractions, the van der Waals- 
London forces resulting from the polarization of non-polar 
molecules by polar ones have also to be taken into account. The 
energy required to remove a molecule from the liquid can in 
general be split into three separate parts 

AH^L + D + K 

where L, D and K correspond to the names of those who first 
investigated the forces theoretically; thus Keesom the dipole- 
dipole interaction, Debye the action of dipoles on polarizable 
molecules, and London the mutual attraction of non-polar 
molecules and atoms. 

We will now proceed to calculate the energy changes when 
two substances are mixed. If a large negative value is found it 
will mean that no mixing occurs, or that the solubility will be very 
small. In order to simplify the calculation we will assume that 
there is only one kind of energy, namely L, which we choose 
because the van der Waals forces are always present. Consider 
two non-polar liquids A and B in which it will be assumed 
that the molecules are approximately of equal size. Since the van 
der Waals energy decreases rapidly with the distance, it can be 
assumed that there will only be attraction between a molecule and 
its nearest neighbours. We can therefore say that when N mole¬ 
cules are evaporated a certain number p bonds per molecule will 
be broken ov Np = P per gram mol. The energy required for this 
process is the heat of evaporation per mol. We proceed now to 
mix (1 — a) molecules of A with a molecules of B; in the first 
place the two components must be evaporated; this requires an 
amount of energy 

(1 - a) + a 

or, if J// = L, then it becomes 

(1 — a) -f- aZ/g 

Altogether P bonds have had to be broken since we have assumed 
that the molecules are of equal size and consequently the molecules 
of A and B have the same numbers of neighbours. 

The gas is now mixed and recondensed. The P bonds are all re¬ 
established but now each molecule has a number of neighbours 
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consisting of A and B and not as before, neighbours of the same 
kind. For every bond formed between two like atoms an energy 
Ljs^jP or L^jP will be released, and for bonds between unlike 
atoms there will be a different value which we will call ^ab/^* 

We now further assume that a molecule A on condensation has 
an equally good chance of finding itself in the neighbourhood of 
a molecule B or of another molecule A, which means that the 
distribution is determined completely by chance. On the average, 
therefore, the proportion of molecules of A and B, as immediate 
neighbours of an atom B, will be in the ratio of the concentrations 
of A and B in the mixture, or (1 — a) : a. Therefore the number 
of A-A bonds is equal to P (1 ~ a)^, because the number of A 
molecules is proportional to (1 ~ a) and the number of A neigh¬ 
bours of an A molecule is proportional to (1 — a). In the same 
way the number of bonds B-B is proportional to P a^, that of 
the A-B bonds to P (1 — a) a, and that of the B-A bonds 
to Pa(l ~a). Now the number of A-B bonds is equal to the 
number of B-A bonds; the total number of this kind is therefore 
2 P a(l — a). The total number of bonds is again P. For the 
three kinds we therefore obtain: 

(I - afP 2 a (1 - a)P a^P 

and the energy released in the formation of the P bonds is 
(1 - a^Lj^ + 2 a (1 - a)Lj^ + 

Now it is immediately apparent from the preceding section 
that can be replaced by so that the condensation 

energy of the gas mixture is 

(1 — + 2 a (1 — a)\/LjJ^^ + 

but the heat of evaporation of the components was 

{ - (1 - a)L^ - a Lg } 

so that the total heat of mixing is found to be 

{ (1 - a)* - (1 - a) + 2 a (1 - a) (a* - a)lB 

= _a(l-oKiA-2 + 

= -a(l-a) (VII- 

The heat of mixing is therefore always negative, that is to say two 
liquids of this particular kind will always be immiscible at low 
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temperatures. As the heat of sublimation actually involves Debye 
and Keesom energies as well when the two molecules have dipoles, 
then we can by a similar argument express the heat of mixing 
by the formula 

AH^ = -ai\-a){ (V^- + (V5I 

+ (a/^- 

an expression which is, however, still always negative.* According 
to this formula, therefore, all pairs of liquids are immiscible at low 
temperatures, and only when is small will any appreciable 
mixing take place. will be zero when the two liquids are 
identical and it is obvious that under such conditions the two 
liquids must be completely miscible. Also liquids which are very 
similar to one another and have practically identical values of L, 
D and K will be miscible. It is, however, not a suflScient con¬ 
dition for solubility that the two molecules have equal heats of 
evaporation. We now return to the example of water and hexane. 
The boiling points are not markedly different and consequently 
their heats of evaporation are of the same order. For hexane 
dif == JL, and D and K are both zero, while for water the K term 
is so predominant that we can as a good approximation put 
AH = K. AH^, which then has its largest possible value 

-2a{\-a)AH 

and the miscibility in this system must be minute. If hexane had 
a dipole and if water were somewhat more polarizable than it is, 
then the miscibility would immediately increase. The hydrocarbon 
can be given a dipole by replacing one of the hydrogen atoms by 
a halogen, an OH or a NOg group. The question still remains 
whether the solubility of a monochlor hydrocarbon will be greater 
than that of a corresponding hydrocarbon. The solubility of the 
former will increase by virtue of the introduction of the dipole, 
yet it will decrease because the chlorine atom is strongly polariz¬ 
able, which increases the L value of the chloride. With F which 

* In chemistry, heat of reaction is given a positive sign when heat is given 
out, that is when the mixture gets warmer. NaCl has therefore a positive heat 
of formation and a negative latent heat of vaporization. In physics, on the 
other hand, it is usual to describe a heat of vaporization as positive because 
the energy of the system increases in the process, that is, energy has been 
added to the system as heat. 


181 



NON-ELECTROSTATIC BONDS 

has low polarizability, the dipole effect predominates. CgHgF is 
more soluble than CgHe, whilst CgHgCl is less soluble. An even 
more marked effect would be expected from the introduction 
of an OH group. This group is less polarizable and in addition 
the dipole is close to the surface since the H+ ion is so small. 
If we replace an H in CH 4 by an atom or a group of atoms, then 
the solubility in water of the compounds would be expected 
to increase in the following order: 

I--> Br-J-Cl--> F-> N02-> OH 
The smallest effect will be that of iodine on account of its large 
polarizability; the NOg group has a fairly large effect because of 
its large dipole (4 x 10"^®) just like that of the CN group, but 
the effect of the OH group is far away the largest because of its 
small polarizability and the peripheral position of the dipole. 
Experimentally observed values of the solubilities are given in 
Table XXXIL 


Table XXXIL Solubilities in millimol per 100 gm c?/ Water 


Solvent 

CH 3 


«C 3 H, 

/ 50 C 3 H 7 

C 6 H 5 

OH 

00 

00 

00 

00 

90 

NO 2 

— 

— 

— 

— 

1-7 

CN 

00 

190 

— 

— 

— 

F 

— 

— 

— 

— 

1-6 

Cl 

— 

— 

3-5 

3-9 

0-43 

Br 

I 

8-2 

1-9 

2-6 

0-28 

I 

1 10 

2-6 

0-6 

0-8 

0-17 

H 

— 

— 

— 

— 

0-9 


Table XXXII brings out very clearly the rules we have derived for 
solubilities; the order of solubility in the phenyl compounds is 
what would be expected from the magnitudes of the moments and 
polarizabilities of the substituent groups. All the solubility values 
decrease with increasing length of the hydrocarbon chains, which 
is accompanied by an increase of van der Waals energy. The shape 
of the molecule has some influence, as can be seen from the fact 
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that the isopropyl compounds are more soluble than the normal 
ones, but we will not discuss this detail any further here. 

By the introduction of an OH group into CH4, the resulting 
methyl alcohol is completely miscible in water. Also by a similar 
substitution in the hydrocarbons CoHq and CgH^ completely 
miscible alcohols are obtained. This does not apply in still longer 
chains. When one OH group is not sufficient to promote solu¬ 
bility of the hydrocarbon it can only be brought about by intro¬ 
ducing several OH groups, the effect of which is seen in the high 
solubilities of the sugars. 

The introduction of dipoles increases solubility in water, but 
diminishes it in a non-polar liquid; glycol, glycerol and the sugars 
having negligible solubility in hydrocarbons, CCI4, CS2 etc. Sub¬ 
stitution in the water molecule leading to an increase of polariza¬ 
bility or decrease of the dipole will increase the solubility in 
non-polar liquids; thus in HgO-^ CgHgOH-^ C2H5OC2H5, the 
miscibility with hydrocarbons steadily increases in that order. It 
now becomes quite clear why sulphur is more soluble in hydro¬ 
carbons than in water. Accurate determinations of the very small 
solubility of mercury have shown that it is higher in benzene 
than alcohol, and higher in alcohol than water. The large polariza¬ 
bility of the mercury atom accounts for this effect. 

With regard to the previous discussion there are several obser¬ 
vations to be made; thus, in the derivation of the formula for the 
heat of mixing it was assumed that the molecules were of equal 
size, which is not true in all the examples cited. However, it can 
be shown that the variation in size does not make much difference 
provided the molecules can be considered as approximately 
spherical. A more difficult point occurs when, in contradiction to 
the theory, the heat of formation is positive, as for example with 
alcohol and water. This arises from the fact that in the calculation 
it was postulated that the molecules in the mixture were dis¬ 
tributed according to chance. This is no longer true if the energy 
of the two molecules, as a result of their particular structure, is 
favourable to combinations with low energies which occur to 
a greater extent than if they were determined by probability 
alone. If, however, this effect is included in the calculation, then 
the theory becomes far too complicated. We shall therefore 
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have to exclude cases of positive heats of mixing from these 
considerations. 

We will, however, just examine a mixture in which these par¬ 
ticularly favourable combinations are such that the probability 
distribution plays no part at all, as for example in the solution of 
an electrolyte in water. It is in just such solutions that we fre¬ 
quently find a positive heat of mixing, because the hydration 
energy is often greater than the crystal energy. Under such con¬ 
ditions each ion mostly has water molecules as its immediate 
neighbours, very seldom other ions, and never any of equal charge. 
We can if we wish regard the formation of NaCl from sodium and 
chlorine as a ‘mixing’ but here there is no question of the arrange¬ 
ment being determined by probability. The low energy of the 
Na+Cl“ bond means that only this type of bond occurs, and 
the chance distribution is entirely replaced by the complete order 
of the crystal. Because this mixing leads to order, we no longer 
describe it in this way, but call it instead a chemical combination. 

We saw in section 46 that the van der Waals forces could never 
alone lead to the formation of molecules and yet it appears that 
they prevent mixing; in fact the van der Waals-London forces 
always tend to add like to like. It is due to thermal movement 
that mixing still takes place, except where the heat of mixing is 
positive under the influence of dipole forces. 


48. CHEMICAL BINDING BY ELECTRON PAIRS 

The simplest chemical reaction is that between two hydrogen 
atoms 

H + H~>H2 

in which only two protons and two electrons take part. To explain 
why a molecule Hg is formed one must show that a system of two 
protons and two electrons has a minimum energy when these four 
particles are combined together. This problem can be solved with 
the aid of wave mechanics, the details of which will not be dis¬ 
cussed in this book, but instead a schematic picture of the result 
of such a calculation will be given. The picture is that the two 
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electrons of the system move in such a way round the two protons 
as to produce a coupling between them. This can be represented 
by the symbol H : H, but it must not be thought that this electron 
pair is stationary between the two protons. Both electrons describe 
very complicated paths, but their common centre of gravity on the 
average lies midway between the two H nuclei. Such a pair of 
electrons correspond to a valency, a bond produced by an electron 
pair being called a covalent bond, and the idea of an electron pair 
is an essential part of the theory. The electrons therefore occur in 
the atoms in pairs; the completed K shell contains one pair, and the 
completed L shell four pairs etc. 

Two chlorine atoms can therefore react so that their two un¬ 
paired electrons form a pair. Since this pair of electrons is common 
to both atoms the L shell of each chlorine atom of eight electrons 
is complete. Further pairing cannot then occur and molecules 
larger than Clg are not formed. The electron pair therefore is used 
in place of the old valency link of organic chemistry. The great 
advantage, however, of the newer conception is that from the dis¬ 
tribution of the electrons in the atom, and especially of those in 
the outer shell, we can determine the valency of the atom. Hydro¬ 
gen and the halogens have an electron missing from the outer 
shell, and therefore they can form one pair, that is they are 
monovalent. The chalcogens are bivalent, elements of the nitrogen 
group tervalent, and elements of the carbon group tetravalent. 
Boron, however, is not pentavalent. As there are only three 
electrons in its outer shell more than three pairs cannot be formed 
unless the electrons in the K shell are included. These are already 
in a state of low energy which cannot be still further lowered by 
bringing them into the L shell. 

We will in the first place examine the consequences of this con¬ 
ception for reactions between like atoms. Together with modern 
ideas on the structure of molecules and crystals we can learn a 
good deal more than from the original valency links. Further 
development of the theory of the covalent bond provides informa¬ 
tion on the directions of the valencies in space. The probability of 
finding an electron in the hydrogen atom on the surface of a 
sphere with its centre in the nucleus is everywhere equal, but it is 
a function of the distance from the nucleus. We can therefore say 
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that the electrons are so arranged round the nucleus that the mean 
density diminishes with decreasing distance from the nucleus, and 
is therefore spherically symmetrical. The second electron of the 
K shell has the same spherical distribution as also have the first 
two electrons {s electrons) of the L shell, but the other six or 
rather the three remaining pairs {p electrons) have a different 
distribution. They are not spherical and are all at right-angles to 
one another. When these electrons form covalent bonds they are 
all at right-angles; thus in a purely covalent HgO molecule the 
valency lines O-H will be at right-angles. Of the valency electrons 
of carbon one is an s electron and the other three are p electrons, 
giving a new distribution in which there are four valency directions 
arranged in such a way that they make angles of 109 ° with one 
another. These valency angles are modified by other effects such 
as Born repulsion, van der Waals-London forces, and partial 
ionic bonds; fortunately they are about 110° with variations of 
approximately 10°. 

The halogens can only combine in one way, namely to form 
molecules X-X as in Hg, Fg, Cl 2, Brg and 1 2, larger molecules 
being unknown. An ion can still be formed from such a 
molecule; thus the ion exists which, however, in reaction 
with negative ions or electrons always forms only H2 molecules. 
Two atoms of the chalcogens can combine to give molecules of 
the type X==X, as Og and S2, the latter molecule occurring in 
sulphur vapour at high temperatures. Then, again, there is the 
possibility of ring formation and a third possibility is the forma¬ 
tion of infinitely long chains. 

-X-X-X.X-X”X- 

This structure is met in the crystals of selenium and tellurium, in 
which the atoms occur in chains twisted into spirals. This spiral 
formation is caused by the fact that valency bonds make angles 
of 105 ° with one another and these can lead to chains of various 
shapes, but if a spiral is formed the atoms are closely packed in 
the chain so that the energy of the van der Waals forces, which 
are always acting, can assume a low value.. 

The structure of such a crystal can be obtained very easily by 
dividing a surface into equilateral triangles and then placing at 
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each apex of the triangles a spiral of atoms with its axis at 
right-angles to the surface. 

Sulphur vapour at low 
temperatures mostly con¬ 
tains the molecules Sg; 
because the angle between 
the S-S bonds must be about 
100^, the S atoms cannot lie 
in a flat ring but must be 
folded in a so-called Archi- 
median antiprism, Figure 35, 

In the nitrogen group, 
there are more numerous Figure 35 

possibilities such as: 

1 Molecules with tervalent bonds, for example N . N. 

2 Ring-forming systems with single and double bonds. Systems 
of this type consisting of like atoms are not known. 

3 Series of atoms with double and single bonds. These are only 
known in combination with other groups, as for example in 
the tetrazoles XN=^N~N—NX. 



4 Tetrahedral molecules X 4 , such as P 4 and AS 4 . In these com¬ 
pounds each atom has three neighbours with valency lines 


joining each of the 
neighbours, so that 
all the atoms are just 
saturated. 

5 Infinitely extended 
layers of the kind 
shown in Figure 36. 
In the latter the valency 
angles must be about 
100 "^, so the layers cannot 
be flat; their shape is 



obtained if in Figure 36 


Figure 36 


the atoms shown with the 


clear circles are displaced somewhat below the plane of the paper 
and the shaded ones similarly above it. If the layers formed in 
this way are then arranged on top of one another, we obtain the 
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crystal structure of the elements arsenic, antimony and bismuth 
in their normal metallic forms. There also exists a modification 
of phosphorus with this structure which possesses weak metallic 
properties. In addition there are non-metallic forms of arsenic and 
antimony, the properties of which correspond with those of yellow 
phosphorus; these forms probably contain molecules AS 4 and Sb 4 . 

The number of 
possible structures 
in the elements of 
the carbon group is 
still greater. Mole¬ 
cules X ^ X are 
not known. In all 
probability this is 
because the main¬ 
tenance of the tet¬ 
rahedral valency 
angle prevents their 
formation. Ring 
systems and chains 
of all kinds with 
mono-, bi- and tervalent bonds are extensively found in carbon 
compounds in organic chemistry in combination with other atoms. 
The graphite crystal provides an example of a layer-forming struc¬ 
ture, which was met in the previous group. Here, however, we have 
to assume a number of double bonds. Figure 37, or leave a free 
valency for every atom. This difficulty also had to be faced in organic 
chemistry; the formula of benzene, as put forward by Kekule is not 
satisfactory since it leads to two di-ortho substitution products: 



Cl 

C 


Cl 

c 


/ \ /\ 


HC CCl 

HC CCl 

1 II 

II 1 

HC CH 

HC CH 

\/ 

\ / 

C 

C 

H 

H 
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The solution of this problem is that the double bonds are 
continuously changing in the molecule, so that on the average 
the six C-C bonds are equivalent. The best structural formula for 
benzene is therefore 


H 

C 

y \ 

HC CH 

I' 'I 

HC CH 

y y 

c 

H 

in which the bond sign indicates the particular bond in benzene. 
On the average we have three electrons per bond and therefore 
the bond is produced by 3 /2 normal C-C bonds. 

In graphite four valencies must be divided between three bonds 
and therefore there are on the average 8/3 electrons per bond, 
and the type of bond is therefore 4/3 of a normal C-C bond. By 
transition of the bonds the three structures shown in Figure 37 are 
continuously changing from one to another. A feature of the 
quantum mechanical theory of the chemical bond is that the 
change of states of equal or nearly equal energy, called resonance, 
lowers the energy of the system. This resonance energy plays an 
important role in many chemical reactions. 

A further structural possibility which exists in the elements of 
the fourth group is a lattice infinitely extended in space in which 
each atom is surrounded by four others in a tetrahedron and in 
which the theoretical valency angle is maintained. Diamond, 
which is the second form of carbon, has such a structure, as also 
have silicon and germanium, and grey tin, into which form the 
normal metallic tin changes at 13°C. Ordinary tin has a somewhat 
compressed diamond lattice. 

All the other elements except boron, of which the structure is 
not known, are metallic, and the only kind of molecular formation 
known is the occurrence of small concentrations of Xg in the 
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vapours of the alkali metals. Such molecules are analogous to 
those of hydrogen, but their dissociation energy is small and 
their existence in the crystalline state is unknown. In the metallic 
state we have to assume a third kind of bond, which will be dealt 
with at a later stage. 


49 . COVALENT BONDS BETWEEN DIFFERENT 

ATOMS 


A BOND formed by an electron pair can occur between atoms 
of different kinds, as in CIF, ClBr, ClI and BrI; the properties of 
these substances are then intermediate between those of the two 
components. A whole range of compounds which we have hitherto 
considered as ionic in character can equally well be formulated as 
homopolar compounds, as for example the fluorides of the 
second period: 

LiF, BeF*, BF3, CF4, NF3, OF3, FF 

In all these compounds the pairing of the electrons never leads to 
there being more electrons in the outer shell than correspond to 
the full number. The electronic formulae are the following: 


Li; F: 


: F: Be: F: 


:F: 

B:F: 

:F: 


:F 

:F:C 

;F 


F: 


:0;F: 

:F: 


:F:F: 


In these formulae CF4, NF3, OFj are all saturated, the C, N and O 
atoms all having eight electrons in the L shell so that further 
coupling is excluded. The fluorides C 2 F, and CgF 4 can be formu¬ 
lated without diflSculty in the following manner: 
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:F: :F: 

: F: C : F: and : F: C 

: F: : F: : F 


C:F: 

F: 


Boron has only six electrons in the L shell in compound BF 3 , so 
that this number can therefore be increased. While it is not 
possible for this compound to combine with a fluorine atom, yet 
it can do so with a fluorine ion which results in the formation 
of ion BF 4 , thus 


:F: 

;F: 

p .... 


:F: + B:F:^ 

:F:B:F: 

L •* J 

:F: 

:F: 


Similarly BeFa can form the complex ion 


: F : 

: F: Be: F: 
: F : 


2- 


but further ions cannot be added because the L shell is full, whilst 
the electrostatic formulation BF^" cannot exist because the boron 
ion is too small. The following fluorides occur in the third period: 
NaF, MgFg, AIF3, SiF 4 , PF 5 , SF^, for which the following elec¬ 
tronic formulae can be written: 

F F F F 

Na:F F:Mg:F A1:F F:Si:F F^:iS::F^ 

F F F F 

Here PF 5 and SFg are pentavalent and hexavalent respectively 
and, since in these elements the valency electrons are in the M 
shell, there is no essential reason against it containing ten electrons 
in PFg and twelve in SFq. Complex formation can therefore occur 
in these because the number of electrons in the M shell can be as 
high as eighteen. In fact, even the ions SiF^, PFj" and SF®” 
should be capable of existence, but the number is in fact limited 
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by mutual repulsion just as in an electrostatic model. The other 
halogens are so similar to fluorine that it follows immediately 
that corresponding formulae can be constructed. 

The hydrogen compounds are easier to deal with structurally 
on the basis of a covalent rather than on an ionic structure. 
Here a large number of molecules are found in which two or more 
like atoms are coupled to one another, as for example the hydro¬ 
carbons and their many derivatives; it is therefore in organic 
chemistry that the homopolar representation is so outstandingly 
useful. Apart from the derivatives of carbon, the following hydro¬ 
gen compounds occur in the second period: 

LiH BgHg CH 4 NH 3 H 2 O HF 

H 2 N-NH 2 HO-OH 

HN3 

The compounds of nitrogen, oxygen and fluorine can easily be 

given the following homopolar or covalent formulae: 

H:F: H:0:H H:N:H 

H:0:0:H H:N:N:H 

H H 

For HNg we are led to assume the formula: 

:N 

H:N :: 

:N 

which, however, cannot be correct, as structural determinations 
show that the molecule is linear. It is assumed that the actual 
state of the ion Ng is best represented by ‘resonance’ between the 
following three structures: 

(-:N::N::N:")- (:N:::N:N:2-)~ (:N:2-N:::N;)“ 

In all three structures each atom has an octet, and the charge of 
the whole ionic group is —e. In the first formula the left-hand 
N atom has four electrons and shares four others with its neigh¬ 
bour. There are six electrons belonging to this atom and it there¬ 
fore has a charge —e. The second atom shares eight electrons with 
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its neighbours and therefore has four electrons and a charge +e. 
The charge of the third atom is --e. By adding up the electrons 
the charges of the other atoms can all be found. If we use instead 
of the : sign the conventional valency lines then the formulae can 
be represented thus: 

— + — 4 - + 

(N - N = N)- (N - N - N^-)- (N2- - N N)~ 

which does not bring out clearly the fact that all the nitrogen 
atoms are saturated. This example shows that representation by 
the covalent bond is more informative than the older method. 

A simple electronic formula cannot be constructed for boron 
hydride, for if the linking of the boron atoms is effected by 
an electron pair the K electrons would have to be included, which 
appears scarcely likely. There are many possible structures for the 
higher boron hydrides B4H10, B5H9, BgHn, B^Hio and B10H14, 
which have not.yet been completely resolved. The hydrogen com¬ 
pounds of the subsequent periods are analogous to those of the 
first. The question does, however, arise why there is no compound 
PHfi corresponding to PF5, and no compound SHg corresponding 
to SFg, for which a homopolar structure is equally possible. 

As we have already seen the homopolar model of the hydrogen 
compounds throws some light on the possibilities of complex 
formation. Thus NH3 can combine with an : 

H r 

H:N: + H+ -> H:N:H 

H L H 

Hydrogen ions and N2H4, water and HF react in analogous ways: 

H H r H H 

H H LhH_ 

H: O: + H+ 

H 

H : F : + H+ 
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but the question again arises why this combination is restricted 
to a proton, and why NF3 and OF2 do not also form similar 
complexes: 


:F: 

+ 

: F: 

:F:N:H 

:F: 

and 

:F: 0 :H 


The ion F“H+F' which occurs in solids of the type K(FHF) or 
KHFg for which an electrostatic structure is satisfactory can, on 
the other hand, not be represented as a covalent compound. 

There are still more possibilities with oxygen compounds than 
with those of hydrogen. In the second period the following oxides 
occur: 

LigO BeO B2O3 CO2 

in which there are no difficulties in electronic formulation. 

In CO the condition of having eight electrons in the L shell of 
each atom is no longer satisfied. Difficulties really begin with the 
oxides N2O, NO, NO2, N2O4 and NgOg. N2O has a linear mole- 

O 

cule, so that the formula /\ which corresponds to the 

N=N 

classical method of distributing the valencies cannot be correct. 
In NO and NOg there are uneven numbers of electrons, so that 
complete coupling by electron pairs is excluded, and for NO2 we 
cannot construct a formula with bivalent oxygen which is not at 
the same time in conflict with the requirement that there shall not 
be more than eight electrons in the L shell. The electronic formula 
of 0 =N—O is 


0 ::N ::0 

in which there are nine electrons in the L shell. Thus there will be 
ten L shell electrons in the compound OgN — NOg. This difficulty 
does not arise with oxides of the third period P2O6, SO3 and 
CI2O7, because the condition that there can be no more than eight 
electrons in the outer shell no longer holds. 
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Compounds of sulphur are in many ways analogous to those of 
oxygen, except that with nitrogen there is the remarkable com¬ 
pound N4S4, about which little is known. There are nevertheless 
a number of compounds for which only a homopolar structure is 
possible. These comprise a number of mixed compounds, for 
example NHgOH, NHgCl, for which any electrostatic model is 
out of the question. The formulae are as follows: 

H: 0 :N:H H:N:C 1 : 

H H 

The carbonyls Fe(CO)5 and Ni(CO)4 are of particular interest. If 
we picture all the electrons outside the L shell being brought into 
the M shell, then iron can take up ten and nickel eight electrons, 
which leads to the formulae which have been found for these 
compounds. Nickel thereby acquires through four CO groups 
eight, and iron through five CO groups ten, electrons in the M 
shell which brings the number in this shell exactly to eighteen 
electrons. Iron and nickel have therefore in these compounds 
valencies of ten and eight respectively, and in a corresponding 
ionic representation the ions Fe^®“ and Ni®” would occur. 


50 . RELATION BETWEEN IONIC AND 
COVALENT BONDS 

It has already been emphasized that the two electrons coupling 
the hydrogen atoms in the formula H: H are not stationary. 
They execute a variety of complicated movements, in the course 
of which there will be states in which they will be close to one 
of the hydrogen nuclei. Next to the state H : H there will also be 
the states H: H and H :H, which strongly resemble the previous 
electrostatic formulation, namely H“H+ and H+H“ respectively. 
Now from the theory of the chemical bond it follows that the 
large bond energy between the atoms is in fact due to the existence 
of different states in the molecule, and the continuous transition 
between these states makes an important contribution to the 
energy of the bond. This phenomenon, called resonance, is not 
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simply grasped and can only be understood properly by studying 
wave mechanics for a year; most readers will be content to accept 
the idea of resonance as a fact. 

Now the conception of the ionic bond fits into the theory 
of the homopolar bond in a remarkable manner. There can be no 
objection to the conception of the coexistence of the states H+H“ 
and H"H+, which occur equally frequently, because the actual 
state H+H” + has no dipole moment, as the switching of 

electrons occurs too fast for it to be detected by any measurement 
of the dielectric constant. Now let us consider a compound HF, 
for which again there will be several possible states: H“F+, H : F, 
H+F~; but here the two ionic models are no longer equivalent. 
Since H has a smaller electron affinity and F a large one, H+F~ 
will occur more frequently than H“F+, and HF in consequence 
is therefore a ‘resonance-hybrid’ of H: F ~1- H+F . 

Coming now to the molecule CsF, the state Cs+F~ will pre¬ 
dominate over Cs: F due to the small ionization energy of Cs 
and, in consequence, CsF is an almost completely ionic compound 
in character Just as H : H is almost entirely covalent. We therefore 
come to the conclusion that covalent and ionic states can exist 
together in all compounds so that what has already been said 
in this book regarding ionic compounds was correct, but did not 
give the whole picture. 

In section 38 the doubt was expressed whether the pyramidal 
structure of PCI3 could be explained by polarization of the ionic 
molecule alone. This effect is certainly present, but at the same 
time the homopolar model must also be pyramidal; in fact, both 
effects act in the same direction. The fact that PCI3 has a dipole 
moment indicates a certain amount of ionic character, but the 
polarity being so much smaller than the calculated value indicates 
that it is homopolar as well. In more complicated molecules the 
number of possible states becomes very much greater. Thus, in 
water we have the following: 

H: 0 :H H: 0 :-H+ H+: 0 :-H H+: 0 ; 2 -H+ 

(/) (//) (///) m 

in which form / is a pure covalent formula and form IV is purely 
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ionic, whilst forms // and III are mixed formulae. With the NH;{; 
ion in addition to form /, there are the following possibilities: 

H H+ H+ H+ 

: N: H : N: H H+: N: H+ H+: N: H+ 


H H H H+ 

(//) {III) {IV) {V) 


It is immediately obvious that there are in all four forms of 
formula //, six of III and four of IV, making sixteen formulae, 
including one covalent, one heteropolar and the rest mixed. 

Purely covalent electronic structures cannot be constructed for 
the molecules NOgF and NgOg, but the following mixed covalent 
formulae are possible: 


O:: N+: F: - 

:b: 


or 


O:: N+: F: 
:Or 


and 

: O: : O: ~ 

N+: O: N+ 

-:0: :d: 

or some such formula in which the other oxygen ions carry the 
negative charges. The introduction of mixed formulae of this kind 
greatly increases the possible number, and a given formula for a 
compound cannot be chosen arbitrarily unless calculations of the 
energies of the different states can be made, and in general this 
is by no means a simple matter. 

The compounds NO, NO2 and ClOg, in which the electronic 
shells are incomplete and therefore in a sense unsaturated, can be 
given electronic formulae, but it is not possible to explain why 
these molecules are more stable than the saturated oxides of the 
corresponding elements. 

We have already seen how a homopolar molecule can exhibit 
some ionic character, and it now appears that an ionic com¬ 
pound can also acquire the character of a homopolar one. 
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If the negative ions in a compound are polarized by the positive 
ions, then this merely means that the negative charge is attracted 
in the direction of the positive ion. If the charge were to go over 
completely, then discharge of the ions would take place. By a 
partial displacement, the difference in charge between the positive 
and negative is diminished so that the effect of polarization is 
to give the ionic compound a homopolar character. This is 
presumably the reason why so many phenomena can be described 
by means of a crude electrostatic representation in which 
allowance has been made for the effects of polarization. 

CH4 can be represented by the following three extreme types of 
formulae: two heteropolar and one homopolar 

C(:H)4. Starting with the formulae this state will change 

because the ions will attract the electrons of the and will 
resemble a homopolar state: but on the other hand if we start 
with then the ion will attract the electrons of the 

hydrogen, leading to the same result. The actual state is therefore 
a combination of a very large number of states with different 
charges on the ions, of which the three chosen represent extreme 
types. We can now ask whether and C^“H^ occur with 

equal frequency, and a calculation of the energy of the two 
different states will provide the answer. A rough calculation shows 
the state to have a lower energy than that of and 

a tetravalent negative ion, because of its large negative electron 
affinity together with its large radius, must have an unfavourable 
influence on the energy. In consequence, the state and 

many mixed states containing positive hydrogen ions, must occur 
less frequently than those with negative ones. Since, therefore, 
states with H" are more frequent than those with H+, the hydrogen 
in CH4 can be said in a sense to have a negative character, that 
is it is a ‘resonance-hybrid’ of the homopolar form and states in 
which H~ ions occur; so CH4 corresponds to the tetrahalogen 
compounds in which it was found desirable to consider the 
halogen ions as negative, rather than positive. We need no longer 
be surprised by the fact that on the one hand, section 31 , the 
stability of PH4I shows that (PHJ) occurs as a complex in which 
the hydrogen is positive, whilst on the other hand PH3 is obtained 
by heating potassium hypophosphite, KPO2H2, where we had 
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every reason for considering the hydrogen negative. PH 3 is again 
largely homopolar in character, but the influence of the addition 
of HI, which gives rise to the compound PH4I with a low energy, 
displaces the state towards one in which the phosphorus is more 
negative and the hydrogen more positive. When, however, oxygen 
is introduced into PH3 leading to the formation of HgPOgH, then 
the phosphorus shifts in the direction of a positive, and the 
hydrogen in the direction of a negative, ion. 

It can therefore be stated that the hydrogen in CH4 can be 
regarded as negative in character since it can be replaced by 
halogen without any large changes in the molecule but, while 
this is true, the compound CH3Li also exists. The fact that sodium 
reacts easily with ammonia to give amides perhaps indicates the 
positive character of the hydrogen ions, but the compounds 
NH2CI and NH4OH exist as well. Again we come across a shift 
under the influence of other atoms or ions. 

There are several ions in which strongly ionic and covalent 
bonds can occur together, amongst which the peroxides are 
good examples. HgOa is itself a weak acid, and therefore the 
peroxides such as BaOa, NaaOg can be regarded as salts. The 
bond between barium and oxygen in the crystalline state is 
certainly strongly ionic, but at the same time a homopolar bond 
must be assumed between the two oxygen ions. We considered 
earlier the effect of the positive ion on the stability of the perox¬ 
ides which followed the general rules which we derived for 
complexes such as carbonates and sulphates. 

Tetroxides of the type K+Og are remarkable in having an Og 
group with a single charge in which complete coupling by electron 
pairs is excluded. This merely illustrates once again that the theory 
of the chemical bond cannot be explained by a combination of the 
electrostatic theory and the simpler picture of coupling by electron 
pairs alone. 

There is another group of compounds, namely the persulphides, 
more generally called the polysulphides, which are analogous to 
the peroxides and for which a very large number of possible 
formulae exists. Not only are ions Sg” known, but Sg”, and Sl” 
as well. The structures of these compounds are not precisely 
known; for example it is unknown whether the five sulphur atoms 


o 
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in the pentasulphides form a chain or a tetrahedral group in which 
a sulphur ion is surrounded by four others in an analogous 
manner to the SO4 group. A covalent formula for a pentasulphide 
can be constructed easily in which each sulphur atom has its 
complement of eight electrons 

r “ 12- 

:S: 

:S:S:S: 

:S: 


There are naturally many possible mixed structures, and also a 
purely heteropolar one which almost certainly occurs only to a 
very small extent: 


S2- "]2~ 

S2- S6+ S2- or 

S2- 


:S:2- 

:S: 2- 

:S:2- 


There are in addition known compounds of selenium analogous 
to the persulphides, and polycompounds are also found among 
the halogens. If iodine is added to a solution of potassium iodide 
I3 ions are formed and KI3 can be obtained from the solution. 
The I3 ion can be considered as a combination of an iodine ion 
with two iodine atoms. Again, heteropolar structural formulae 
can be written for the polyiodides containing tervalent, penta- 
valent and heptavalent iodine, as for example the heptaiodide 

"I" 1 ““ 

1 - 15 + 1 - 

J" I"- 

but there are on the other hand covalent forms and a number of 
mixed ones as well. The purely heteropolar formula is not likely 
to be present to any large extent, but if the iodine ions are replaced 
by chlorine in this compound then the heteropolar character is 
more pronounced, and in the compound K+(ICl4)~ considerable 
heteropolar character must certainly be attributed to the ICI4 ion, 
which increases if chlorine is replaced by fluorine. If it were 
possible to make K+(IF6)~ from potassium fluoride and IFg, then 
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the IFq ions would certainly be strongly heteropolar. We therefore 
see that there are several transitions between heteropolar and 
homopolar bonds in polycompounds. It must be borne in mind 
that when 1 2 combines with iodine ions the van der Waals-London 
and polarization forces make a considerable contribution to the 
energy of the bond. 

51 . THE METALLIC BOND 
TRANSITION BETWEEN THE THREE TYPES 
OF CHEMICAL BOND 

We have seen that molecular formation and crystal structure of 
elements in the last four groups of the periodic system are deter¬ 
mined by the number of homopolar bonds which each atom can 
form. The elements of these groups have no metallic properties. 
The remaining elements, with the exception of boron and the 
noble gases, are truly metallic in character, but there is no relation 
between their normal valencies and the number of neighbours of 
each atom in the crystal. There are three main crystalline types: 

1 The closest packed cubic structure. Figure 34 ; 

2 The closest-packed hexagonal structure. Figure 35 ; 

3 The body-centred cubic structure. 

In the first two types every atom is surrounded by twelve others, 
Figures 38 and 39 , In the third type. Figure 40 ^ each atom has eight 
neighbours at a distance of \/ 3 r /2 = 0*86r where r is the length 
of the side of the unit cell, followed by six more at the slightly 
greater distance. We can therefore say that each atom has fourteen 
neighbours. 

As we have seen, there is no direct relation between valency and 
position in the periodic system or coordination number. The 
following metals belong to the first structural type: 

Ca, Sr, Al, La, Ce, Pr, Th, Fe, Co, Rh, Ir, Ni, Pd, Pt, Cu, Ag, 
Au, Hg*, Tl, Pb 

while in the second are: 

Be, Mg, Ca, Y, La, Ce, Pr, Ti, Zr, «Hf, Re, Ru, Os, Co, Ir, 

Zn*, Cd*, Tl 

and in the third: 

Li, Na, K, Rb, Cs, Ti, Zr, Hf, V, Cb, Ta, Cr, Mo, W, Fe. 
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Some metals crystallize in more than one structural type, which 
means that there are two allotropic modifications. The metals 

marked * do not conform pre¬ 
cisely to the closest-packed struc¬ 
ture but deviate slightly from it. 
Uranium, manganese, gallium 
and indium have very abnormal 
structures, and the last two are 
transitional between metallic and 
non-metallic elements of the 
carbon group. The picture pre¬ 
sented by the metallic structures 

Figure 38 



I 

D 


is utterly different Figure 39 

from that of ele¬ 
ments of the four last groups of the 
periodic system. The homopolar 
bonds of these latter strive to pro¬ 
duce a state in which the number of 
neighbours of each atom is deter¬ 
mined by its valency. In the other 
elements, however, forces appear to 
be acting tending to surround each 
atom with as many others as possible. 

Occasionally some residual homopolar bonds remain in metals, 
for example a few per cent of molecules Li~Li, Na-Na etc are 
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found in the vapours of these metals, analogous to the hydrogen 
molecule, but there is no trace of them in the solid state. The 
most characteristic property of metals in which the smallest 
potential difference produces an electric current is their electrical 
conductivity. Since no transport of mass takes place in a metallic 
conductor, a metal must contain free electrons from which it 
follows that positive ions must also be present. We therefore have 
a picture of a metal in which the lattice is composed of positive 
ions held together by electrons which move freely in the space 
between. It is as though the ions were cemented together by an 
electronic gas. 

In the homopolar bond a pair of atoms are coupled together by 
two electrons while, in a metal, all the electrons hold all the ions 
together in the crystal. The theory of the metallic bond is even 
more complicated than that of the homopolar bond, as the subse¬ 
quent discussion will show. In this section we shall only discuss 
how metallic properties are distributed in the periodic system. 

The formation of a metal structure from free atoms must be 
associated with ionization, from which it follows that a high 
ionization energy in an element prevents it. Metallic properties 
are therefore found in the alkali and alkaline earth elements. 
Boron, the first element in the third group, is hardly metallic; 
in this group, the element with the smallest ionic radius loses its 
metallic character. 

In the fourth group carbon and silicon are both non-metallic, 
while germanium has a very small electrical conductivity. It is 
only when we come to white tin and lead that the electrical con¬ 
ductivity approaches the normal values for true metals. In the 
fifth group arsenic and antimony are just on the limit between 
metallic and non-metallic properties, whilst of the elements of the 
sixth group only polonium might have real metallic properties. 
The halogens in the seventh group show no trace of metallic 
properties. 

The line dividing metals from non-metals in the periodic system 
runs from the left-hand top corner to the right-hand bottom one, 
parallel in fact to the line dividing the basic and acidic oxides, 
since the properties concerned depend on the sizes and charges of 
ions. The metallic bond is not confined to single elements, and 
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compounds can be formed between them. The composition of 
such compounds, however, cannot be predicted from the simple 
rules of valency, and the proportions of various atoms present are 
quite remarkable. Thus, lead and sodium form a compound with 
a composition very nearly corresponding to Pb^Naai, which 
can certainly not be expressed as PbNa4, based on the normal 
valencies of the two elements. Mercury and sodium form no less 
than seven compounds: 

Hg4Na, HgaNa, Hg^aNaia, HgNa, HggNag, HgsNag, HgNag 

These examples suffice to show the complexity of the subject of 
metallic compounds. Can we now predict whether any two ele¬ 
ments on reacting together will give an ionic, a homopolar, or a 
metallic compound? 

Let us begin with an element from the left-hand bottom corner 
of the periodic system with a low ionization energy, and one from 
the right-hand upper corner with a large electron affinity. An ionic 
compound is then obtained, the ideal example being CsF. If both 
elements are now chosen from the right-hand upper corner, they 
will have a high ionization energy and a large electron affinity, 
so that the ionization of one of the atoms does not arise. A 
coupling will then take place through the electron pairs. The best 
examples are of course the molecules of the elements themselves, 
further ones being the compounds OFg, NFg, OClg, S2CI2 etc. 
If both elements are chosen from the left-hand bottom corner, 
they will have low ionization energies so that metallic compounds 
will be formed. 

There will, in addition, be transitions between all three types, 
for we saw earlier that an ionic compound could take on the 
character of a homopolar one through polarization, and further 
that a homopolar bond could also assume the character of an 
ionic bond as a result of differences in ionizatjon energy and 
electron affinity. If, for example, the ions in CsCl are successively 
replaced by others with steadily smaller differences in ionization 
energy and electron affinity, then the heteropolar character will 
gradually change over to the metallic. 

The compound ZnTe has metallic properties, and so far as the 
valency is concerned we could think of it as heteropolar. The 
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electron cloud is more concentrated around the tellurium atoms 
so that they assume a negative charge with respect to zinc and 
consequently the metallic bond acquires the characteristics of 


Ionic Bond 

[c.r] 



Homopolar or A 1 eto///c Bond 

Covalent Bond 


an ionic one. Decreasing ionization energy causes the homopolar 
to change over into the metallic, as for example in the series: 

F2-^T2-^[Te]->[As]->[Sn] 

Similarly in the series 

C Si Ge Sn (grey) -> Sn (white) -> Pb 

we pass from the non-metallic diamond to the partly metallic 
germanium, and so to lead which is completely metallic in charac¬ 
ter. Tin occurs in two forms, the white being a typical metal. The 
grey variety of tin appears superficially to be metallic, although 
the more important property of electrical conductivity has not 
been measured. 

In this connection it is worthy of note that graphite, one of the 
forms of carbon, has some electrical conductivity which is 
probably not caused by free electrons as in metals but by the 
shift of the bonds in the layers of C atoms, Figure 37 . 
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52 . COLLOIDS 

When dilute solutions of NaCl and AgNOj are mixed in approxi¬ 
mately equivalent quantities, no silver chloride is precipitated. A 
colloidal solution is formed under these conditions and micro¬ 
scopic examination shows that it contains small particles in 
rapid Brownian movement. From x-ray analysis it is found that 
the particles consist of smalt crystals of silver chloride. On electro¬ 
lysis of the solution, the particles move towards one of the 
electrodes; the charge of the particles appears to be negative if 
the chlorine ions are in excess, but positive if the silver ions are in 
excess. If ions in which the solution is deficient are now added 
then the charge disappears, movement in the electrical field ceases 
and the colloidal solution loses its stability. The particles then 
coalesce to larger aggregates which sink to the bottom of the 
vessel in the form of flocculent precipitates; the colloidal solution, 
or sol, is said to have deflocculated. Colloidal solutions or sols 
can be prepared from a variety of substances and, in nearly all, 
the particles carry an electric charge which can be destroyed by 
suitable electrolytes, although this does not always take place and 
there are colloidal solutions which contain uncharged particles. 

We can now proceed to explain many phenomena in the realm 
of colloidal chemistry with the help of ideas based on the nature 
of the chemical bond. In section 21 we discussed how the extra 
field of the subgroup silver ion led to a large attraction for negative 
ions, especially when these ions were strongly polarizable, section 
36 . Since the silver ion is itself strongly polarizable, the van der 
Waals-London forces play an important part in still further 
strengthening the bond between the two ions. Due to the strong 
attraction between Ag and Cl ions the large lattice energy is not 
balanced by the hydration energy with the result that silver 
chloride is insoluble in water. Therefore, as soon as solutions 
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of NaCl and AgNOj are mixed together the Cl“ and Ag+ ions 
combine, and the growth of crystals starts at innumerable points 
throughout the solution, in a short time 
reaching their maximum size due to 
insufficient supply of further ions. When 
neither Ag+ nor Cl~ ions are present in 
excess then a small crystal can be repre¬ 
sented diagrammatically by Figure 41 a, 
NO3 ions are still present in the solution, 
but will not take part in the formation 
of the crystal. Since NaCl and AgNOj 
are both soluble, there is no reason why 
NO3 ions should combine with the Ag'^ 



Figure 4la 



ions on the surface of the crystal, 
nor why Na+ ions should combine 
with the Cl~ ions. 

If, on the other hand, there is a 
slight excess of silver ions, then they 
will certainly adhere to the chlorine 
ions and the crystal thereby obtains a 
positive charge. The number of silver 
ions which combine will not be large, 
since any further additions will be Figure 41c 

repelled by those already present. The 

free suspensoid of an AgCl crystal can therefore be represented by 
Figure 41 b as a molecule built up of ions, but capable of taking up 
extra ions to form a complex. It is obvious that an excess of 
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chlorine ions will equally well give the particles a negative charge, 
Figure 41 c. The particles mutually repel one another and this 
prevents coalescence of the crystals. When the charge is destroyed 
the crystals can join together, since ions of one crystal can come 
into contact with ions of opposite charge in the other crystal. 

A positively charged AgCl particle can be discharged by ions 
other than those of chlorine; bromine and iodine ions have the 
same effect, and in fact these ions are held particularly strongly 
by the silver ions. Now it is to be noted that other negative ions, 
for example NO3, can destroy the charge of a positive sol 
provided they are present in sufficient concentration, and this 
phenomenon can be explained in the following way. The positive 
colloid particle gives rise to an electric field which attracts all the 
negative ions in its immediate neighbourhood and repels all 
positive ones. The density of the positive charge therefore falls 
in the immediate neighbourhood of the particle. This effect will be 
unnoticeable in very dilute solutions, where there are very few ions 
and the thermal movement maintains the dispersion. In more 
concentrated solutions there is, however, a marked surplus of 
negative ions round this particle, which has the effect of weakening 
the field. At a given concentration the strength of the field is 
lowered to such an extent that the particles can join together and 
precipitate. 

If the ions are particularly small, or have high charges, this effect 
will be correspondingly larger because of the stronger attraction 
exerted. Ions of high charge therefore cause precipitation at lower 
concentrations than do those of low charge. Negatively charged 
colloids are very sensitive to the addition of highly charged positive 
ions, and positively charged colloids to highly charged negative 
ones. 

A number of other examples of colloidal solutions can be 
quoted. If HgS is passed through a dilute solution of AsgOg, a 
colloidal solution of AsgSg is formed; in this process ions, or 
rather SH” ions are in excess, and consequently the AsgSj crystals 
absorb them and the sol acquires a negative charge. The addition 
of highly charged positive ions destroys the charge and precipitates 
the AS2S3. The AsgSa sol has been investigated very thoroughly 
and its behaviour illustrates better than any other the influences 
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of size and charge of ions on precipitation. It appears that the 
charge is by far the most important factor. Effects other than those 
of charge only occur when very large ions are added which can 
be absorbed as a result of dipole induction and polarization 
effects, as for example the organic ions which are included in 
Table XXXIII under the monovalent ions. 


Table XXXIIL Precipitation Values of an AS 2 S 3 Sol 


Electrolyte 

Precipitation 

Electrolyte 

Precipitation 

Monovalent cations 

value 

Bivalent cations 

value 

LiCl 

58 

MgSO^ 

0-81 

NaCl 

51 

MgCla 

0-72 

KCl 

50 

CaClj 

0-65 

KNO3 

50 

SrCla 

0-63 

iKjSO, 

63 

BaClg 

0-69 



ZnCla 

0-68 

HCl 

31 

(UO3) (N 03)3 

0-64 

iH 3 S 04 

30 



Aniline chloride 

2-5 

Quinine sulphate 

0-24 

Strychnine chloride 

0-5 

Benzidine nitrate 

0-09 

Morphine chloride 

0-4 



Crystal violet 

016 



Fuchsine 

Oil 



Tervalent cations 


Tetravalent cations 


AICI3 

0093 

Th(N 03)4 

0-090 

A 1 (N 03)3 

0-095 



iAl3(S04)3 

0-096 



Ce(N03)3 

0-080 




The precipitation values are given in millimol per litre. 


Suppose that to a solution of FeCIa dilute alkali is added and 
the precipitate of Fe(OH )3 filtered off and washed carefully with 
distilled water. If a dilute solution of hydrochloric acid is now 
added to the precipitate, then the hydrogen ions will combine 
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with the OH ions which are separated from the hydroxide 
particles and which therefore acquire an excess of Fe^"*" ions and 
consequently a positive charge. The addition of FeClg has the 
same effect, when the Fe^'*’ ions are absorbed on the Fe(OH )3 in 
exactly the same way as the Ag+ ions are absorbed by AgCl. The 
effect of the addition of HCl can therefore be described by saying 
that the acid dissolves some of the Fe(OH )3 to form FeClg. The 
sol of Fe(OH )3 is particularly sensitive to highly charged negative 
ions, and naturally to OH~ ions as well. An excess of OH~ ions 
can, however, produce a negatively charged Fe(OH )3 sol, which 
is just as sensitive to highly charged positive ions. 

Positively charged hydroxide sols can be prepared from many 
metals. To produce a colloidal solution from the precipitate, a 
process termed peptization, a solution of the salt itself is not 
necessarily required; Fe(OH )3 can, for example, be brought into 
colloidal solution by the addition of Th^'*' ions. In Table XXXIV 
are given the precipitation values for Fe(OH )3 sol as an example 
of a positive sol. Here again the charge has the greatest influence 
on the precipitation values. The effect of the OH“ ion is much 
greater than that of any other monovalent negative ion, because 
it combines with the Fe^'‘“ ion. It is incorrect to say that Fe^*^ 
and OH~ combine because Fe(OH )3 is insoluble; rather should 
it be said that the insolubility of Fe(OH )3 is to be attributed 
to a very strong bond between Fe^'*' and OH“; therefore the OH" 
are absorbed by particles with a superfluity of Fe^"^ ions. 


Table XXXIV, Precipitation Values for the Fe(OH )3 Sol 


Electrolyte 

Precipitation 

value 

Electrolyte 

Precipitation 

value 

Monovalent anions 

Bivalent anions 

KI 

16 

K,S 04 

0-20 

KNO 3 

12 

T 1 ,S 04 

0-22 

KBr 

12 

MgSO* 

0-22 

KCl 

9 

KjCraO, 

019 

NaCl 

9-2 



PaClj 

9-6 



iBa(OH), 

0-4 
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Colloidal solutions of metals can also be prepared, but only 
from the noble metals, since the others form hydroxides with 
water. A gold sol can be prepared by treating a weakly alkaline 
solution of a gold salt, such as KAUCI 4 with formalin, or another 
reducing agent. The size of the particles formed is appreciably 
affected by the conditions of preparation and, since the colour of 
the sol is dependent on particle size, they vary in colour from 
yellow, red and violet to blue. 

Platinum sols can be made in a similar manner, and such metal 
sols carry a negative charge. By drawing a spark between 
platinum or gold electrodes in water, the metal can be evaporated 
and the resulting vapour immediately condenses to small metal 
particles; in this way relatively stable metal sols can be prepared, 
provided the water is weakly alkaline. The negative charge of 
the metal sols is clearly caused by absorption of OH" ions, but the 
combination of these ions is not so easily comprehended as in the 
earlier examples. It is, however, understandable that ions should 
be able to combine with a metal surface. A metal surface has the 
property of attracting an electric charge e at a distance r with 
a force the so-called image force. This is proved in the 

following way. 

Let AB be an in- 





Figure 42 


finitely extended metal 
surface, and let there 
be a charge e at C. The 
lines of force from C 
must be at right-angles 
to the metal A 6 since 
this is an equipotential 
surface by virtue of 
the conductivity of the 
metal. These lines of 
force will not be affec¬ 
ted if the metal is 
removed and replaced 


by a negative charge —e at C', the lines of force from this point 


being denoted by broken lines. Since the two charges attract each 


other with a force the same force must be exerted by the 
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metal. It is not, however, clear why an OH“ ion is more attracted 
than a hydrogen ion. This would only be understandable if the 
hydrogen ions with their mantle of water molecules were larger 
than the hydroxyl ions, a point which has not yet been precisely 
determined. 

Fine particles of carbon can be made into a colloidal solution in 
the same way by OH“ ions and always have negative charges. 
In view of the fact that graphite is a conductor, the image 
force may well be the cause. Very unstable colloidal solutions, 
so-called emulsions, can also be made by shaking water and oil 
together, but the oil droplets quickly combine to form larger 
droplets. It is possible, however, to make stable oil emulsions if a 
small amount of soap is added to the mixture of the two liquids. 
The particles acquire a negative charge, so that the fatty acid ions 
are clearly adsorbed by the droplets. We saw earlier that fatty 
acids with long chains, although insoluble in water, are soluble 
in hydrocarbons and oils. The long hydrocarbon chains of the 
fatty acid ions will therefore try to separate from the water, which 
in this instance can only occur by their penetration into the oil 
droplets thereby giving them negative charges. The difference 
in these oil emulsions from other sols that we have considered, is 
that the particles are liquid. This, however, makes little difference 
to their general behaviour, and again an oil emulsion can be 
discharged by positive ions. A fatty oil is also peptized by dilute 
alkali if the oil contains some free fatty acid. 

Let us imagine that we have a very large organic molecule 
containing many NHg and COOH groups. If it is added to 
alkaline water, then the COOH group will change to COO” and 
the molecules will acquire a negative charge. If the medium is 
acid then the NHg will become NHJ, and the particles will acquire 
positive charges. Provided, therefore, the molecules are sufficiently 
large, the substance will behave as a positive colloid in an acid 
medium, whereas it will be negative in an alkaline one. Albumens 
are examples of substances which behave as colloids, although 
they are in all probability real solutions of very large molecules. 
There is, however, one important difference between them and the 
colloidal solutions previously considered. The albumen molecules 
have a mantle of strongly held water molecules, presumably 
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because of their active NHg and COOH groups. This mantle of 
water molecules permits the solution of many albumens, even 
when the charge of the particles is destroyed by addition of 
electrolytes. This covering of water molecules is also found in 
colloidal solutions of gum arabic, agar-agar and all other high 
molecular weight substances of animal or plant origin. These 
substances are known as hydrophilic colloids, in contrast to the 
previously considered hydrophobic ones. The covering of water 
molecules leads to very complicated reactions with solutions of 
electrolytes. We will not proceed any further with the discussion 
of the properties of hydrophilic colloids; the intention in this 
section was not to give a complete survey of colloid chemistry, 
but rather to show that the ideas put forward on the nature of the 
chemical bond could clarify many of the observed phenomena. 


53. ADSORPTION PHENOMENA 

The combination of foreign ions with the surfaces of colloidal 
particles is, in general, called adsorption. It goes without saying 
that this behaviour is not limited to small particles and that a 
large crystal of silver chloride can equally well adsorb positive 
or negative particles. 

Chemical forces of various kinds can lead to such adsorption. 
Thus, the bond between ions and AgCl molecule is due primarily 
to Coulomb forces, but adsorption can equally well be caused by 
polarization forces alone, as for example when iodine is strongly 
adsorbed on the surface of CaFg. The calcium ions create dipoles 
in the iodine molecules, and the attraction of these dipoles by the 
charges of the calcium ions gives rise to the bond. In the same 
manner alkali atoms, particularly those of Cs, are adsorbed by 
metal oxides. Oxides with adsorbed alkali atoms are of the very 
greatest importance in the construction of photocells, used in 
instruments for measuring the intensity of light. Water molecules 
can be adsorbed on a surface when their dipoles are attracted by 
the ions on the surface. This is the reason why CaFg is always 
covered with a layer of water which can only be removed with 
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difficulty. The high charge of the positive ion in SiOg results in a 
strong adsorption of water molecules; this adsorption is so strong 
that dry finely divided SiOg is frequently used as a drying agent. 

Calcium fluoride does not form a hydrate, yet the surface easily 
acquires a layer of water; this, however, is not formed on crystals, 
which form hydrates, and at first sight appears to be somewhat 
paradoxical, but the explanation is quite simple. The water mole¬ 
cules are held very strongly by the calcium fluoride due to the 
strong field of the ions, which also holds the crystal together and 
at the same time prevents the penetration of water. Water can only 
penetrate those compounds which have weaker ionic fields, but 
it will then no longer be held so strongly and certainly not on 
the surfaces of the crystal. 

It is a known fact that finely divided carbon can adsorb many 
gases, a property which is utilized in gas masks. Here the adsorp¬ 
tion depends on the van der Waals-London forces, from which it 
follows that all strongly polarizable gases will be adsorbed, and 
further that a carbon mask is not suitable for the adsorption of 
CO. In practice, the efficacy of carbon for the adsorption of gases 
can be increased by adding other ionic materials. 

The quantity of material 
adsorbed will depend on its 
concentration, and the rela¬ 
tion is shown in Figure 43. As 
the concentration is increased 
more material is adsorbed, 
but as the surface of the ad¬ 
sorbent becomes more and 
more covered with molecules, 
the amount adsorbed will 
diminish. We will not discuss 
any further the theoretical 
implications of this adsorption curve. As the temperature is in¬ 
creased adsorption naturally decreases as the rise in temperature 
causes breaking of more and more bonds between the atoms. 
In oil emulsions discussed in the previous section, it was seen that 
oil droplets have the property of adsorption. The phenomena 
which occur when fatty acids and higher alcohols are mixed 
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together in water are of the very greatest interest and importance 
for a proper understanding of many biological problems. The 
fatty acids of lower molecular weight, such as acetic and propionic, 
are completely soluble in water, but solubility decreases as the 
length of the hydrocarbon chain is increased. Thus, an acid 
with six carbon atoms is still slightly soluble in water, that is 
to say, the COOH group dissolves well in water, while the hydro¬ 
carbon chain is insoluble. We therefore have two competing 
effects, from the COOH group which tries to penetrate into the 
water, and from the hydrocarbon residue which tries to separate 
from it. The net result of these two tendencies is for the molecules 
to concentrate at the surface of the water. As a result of thermal 
movement there will be some molecules which can penetrate 
into the water. In the liquid, therefore, there will be a low con¬ 
centration of fatty acid molecules, but at a small distance from 
the surface the concentration will increase and at the surface 
itself the concentration reaches a large value because here there 
are many molecules with their COOH groups in the water and 
their alkyl groups outside it. As the alkyl group becomes longer, 
the number of molecules that are lying on the surface becomes 
greater than the number of those which lie directly under the 
surface. In very long chains, we therefore find the remarkable 
phenomenon that when we add a small quantity of a substance to 
water, all the molecules remain on the surface, with their COOH 
groups dipping into the water. There will be a quantity of added 
fatty acid corresponding to complete coverage of the surface with 
molecules having their hydrocarbon groups directed away from 
the surface. 

If now a small quantity of alkali is added to the water, then the 
hydrogen ions will be split off by dissociation from the COOH 
groups. This gives rise to a remarkable situation in which there is a 
monomolecular layer of fatty acid ions having a negative electric 
charge with respect to the solution, while the solution which 
contains the hydrogen ions is positive. The hydrogen ions are 
naturally attracted by the negative charge but, owing to thermal 
movement, are driven back into the liquid. There will therefore 
be a high concentration of hydrogen ions immediately under the 
negative layer of COO“ groups in the liquid, which diminishes 
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rapidly with distance. These electrical double layers play a par¬ 
ticularly important part in colloid chemistry and in all kinds of 
biological problems. 


54. SOME ADDITIONAL CALCULATIONS 

Deformability of ions —It has been assumed throughout that the 
ions in a compound can be regarded as completely rigid spheres. 
At various points in the book, however, it has been pointed out 
that this is only an approximation although no correction for 
deformability of the ions was applied. Such a correction can be 
applied by introducing a repulsion function which decreases 
rapidly with distance, Figure /, p. 21, and Born introduced a 
term b Ir” for the energy corresponding to repulsion of the electron 
clouds. This expression illustrates the fact that the repulsion 
decreases very rapidly with increasing distance. Some idea of the 
magnitude of n can be derived from the compressibilities of 
crystals; it has a value of approximately ten. Pauling assumes 
the following values of n for the types of ions tabulated hereunder: 

Ion He Ne Ar Cu+ Kr Ag+ Xe Au+ Ra 

n 5 7 9 9 10 10 12 12 — 

We will now calculate the crystal energy of the compound NaCl 
with this correction included. The energy of one ion with respect to 
another at a distance/• now becomes—+ Z?/r". The potential 
energy of one ion with respect to all the surrounding ones is found 
by a summation analogous to that given in section 14, and the 
result is 

-A e^lr + Blr^ 

in which 

B/r" =^blr" {6+ + 8/3"'* - ... . } 

The total crystal energy is therefore 

U = -N' (A e^lr-BIr") 

where there are N' ions in the crystal. This energy must have a 
minimum value in the crystal, and the condition for this to be so 
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is that the energy shall be a minimum as a function of the mutual 
distance r between the ions, that is 


dUjdr - 0 

We then find 

dU/dr - N'Ae^/r^-nN'B/r^^^ - 0 

Therefore, since r = a, the separation distance measured in the 
crystal, 

Ae^la^ ~ nBja^^^ 

whence 

Bl(f = Ae^lan 

and substituting in the formula for U we get 



a result which was used without proof in section 14. 

As a result of the repulsion, the distance between the atoms in 
a single molecule AB will be larger than it is in the lattice. If the 
crystal belongs to the NaCl type, then for n we have to take a 
value of 10; the second term, 12/2^ = 0*4, is small compared 
with the first. As a first approximation, B can be replaced by 
bcjr" where c is the lattice coordination number. 

Again, if a is the equilibrium distance in the lattice and that 
in the free molecule, then the two conditions of equilibrium are: 

dUldr - 0 dEldr - 0 

t/ {Ae-lr - bclr^) E =-- - N' {e^jr - bjt^) 

Ae^ja^ — nbc — 0 —nb~ 0 

whence by eliminating, b we obtain the following relationship 
between a and aj 

nb — A€^a^'~^lc - ' 

so that 

a (v4 

If we assume « = 10, .4 = 1 *75 and c ~ 6, then 

= 0*872 a 

This expression means that the distance in the molecule is ap¬ 
proximately 13 per cent smaller than that in the crystal with a 
NaCl structure. This reduction in the distance has the effect of 
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making the dipole moment of the molecule AB somewhat smaller 
than the value calculated from the formula 
/X e (^A + r^) 

in which and are the* radii of the ions which are considered 
as rigid spheres. 

Pauling’s calculated values for the ionic radii are not really the 
radii of the rigid ions, but the values which these ions would have 
if they formed a lattice with the NaCl structure. In another lattice 
the distance will be somewhat different, so that the distance in 
the CsCl lattice which we can call Og, if is the distance in the 
NaCl lattice, is equal to where Ag and Ag 

are respective Madelung constants for the NaCl and CsCl lattices. 

Since from section 13 the Madelung constants for the CsCl 
lattice is almost the same as that for NaCl, the equation can be 
written 

- h04ag 

The distance in the CsCl lattice is therefore 4 per cent greater 
than that in NaCl. 

As long as we only assume Coulomb forces and repulsive 
farces of the type discussed, this contraction leads to the sur¬ 
prising result that the CsCl lattice can never be formed. It can 
only exist if the lattice energy of the CsCl lattice is smaller, or at 
least equal to that of the NaCl lattice. The conditions for the 
stability of the CsCl lattice are 

Ug<^ Ug 

— (« — 1) N^AgC^^jn rg< —{n - \) N'AgC^jn 

<AglAg 

and since 

hir, - 

then 

<AJA, 

ovC&l6)<iAjA,r 

Ag/Ag differs little from unity, and therefore n must have 
a large value (about 35) to satisfy the equation. Since n is actually 
much smaller than 35 for all kinds of ions the CsCl lattice cannot 
be stable. The introduction of non-rigid ions therefore has a 
serious effect on Goldschmidt’s treatment. In KF, where the 
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ions are of equal size, a CsCl structure is no longer to be expected. 
It is the van der Waals forces, described in section 46 tending 
towards high coordination numbers, which lead to the formation 
of CsCl lattices but only in the compounds CsCl, CsBr and Csl 
which are composed of strongly polarizable ions. 

The corrections which have to be applied to the ionic radii are 
very large in molecules with high ionic charges and lead to very 
considerable contractions but, when they are applied, there is 
agreement with the values observed for many compounds. Where 
a compound has a much smaller distance than the sum of the 
ionic radii, this does not prove that the compound concerned is 
not composed of ions; the contraction which takes place leads to a 
merging of values for the ionic and atomic radii. 

Dipole and charge in an electric field~~\n section 36 it was noted 
that the energy necessary to cause polarization of an atom or an 
ion by a field F is just equal to half the energy which the atom 
or ion has as a result of being in the field F, If /x is a permanent 
dipole, then in the formula E ^ — e^ir — ei-cjlr^ the term e^jr 
corresponds to the energy which 
the charge e has as a result of 
being in the field F, and the 
term eixllr^ to the energy 
which the particle has as a 
result of having its dipole in 
the field F. 

The energy of the dipole can 
therefore be expressed as —pF or more generally —/xF cos 9 
if the dipole p makes an angle 9 with the direction of the field. 
We will now derive this formula. The dipole can again be con¬ 
sidered as consisting of two charges -~e and e at a distance d 
apart. The distance AB is therefore d cos 9 , Figure 44, From the 
definition of potential the energies of the two charges at A and B 
are and e respectively. But from the definition of F 

it follows that —Fg = aF, where a is the distance between 
A and B. The energy of the dipole in the field is therefore 



F 

Figure 44 


-eV^ + eV^ = -e(V^-V^)==- 
— ed cos (pF — — nF cos 9 
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If now is the dipole caused by the field then it follows that 

/X = aF 

As the induced dipole will necessarily lie in the direction of the 
field, the energy is equal to — aF^ keeping in mind that energy 
has been required for the creation of the dipole. 

In order to calculate this energy, imagine that the field, con¬ 
taining the particle, increases slowly from a value of 0 to F. At 
a certain value F^ of the field the dipole distance will be x. If 
now the field increases by dF then the charges will be further 
displaced to a distance x + dx, whereby the field does work 
corresponding to ^(FJdx. The total work from 0 to a distance d 
is therefore 

jf,eF^dx 

and by substituting F_^ = ixja ^ e xja the integral becomes 

r^i^xdx __ (exY __ ___ 

J 0 a 2a 2a 2 

The total energy of the polarizable particle in the field F is 
therefore 

- aF2 + iaF^ = - ^aF^ 

Energy of non-linear molecule ABg—The following formulae are 
obtained, when an exact calculation is made to determine whether 
a molecule of the type A^^BJ can become 
non-linear as a result of polarization of 
the ion A. 

Let us suppose that the ion B is not 
polarizable. The problem then is to find 
the angle for which the energy of the 
molecule is a minimum. If r is the sum of 
the ionic radii, Figure 45, then the energy 
of the molecule is 

_ ^ aF* , 2B Figure 45 

F = — 2--- 

r .S’ 2 F 

in which the first term gives the energy of the two B ions with 
respect to the A ion, e^js the energy of the two B ions with respect 
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to each other, and — aF^/2 that of the polarizable A ion in the 
field F, which is created by the B ions. Finally is the Born 
repulsion energy between A and the two B ions. 

If Fis the resultant of the two field strengths of the two ions 

which make an angle 29 with each other, then F - 2e cos 9 jr^ 
and from the figure s ^ Ir sin 9 so that 


+ 


■ 2 a - cos^ 9 4 - 


2B 


2r sin 9 ‘ ' r” 

A value of 9 must now be found which corresponds to minimum 
energy; this occurs when dEjdf^ — 0. The condition for the 

minimum is therefore 

^2 £>2 

.— -cos 9 -t- 4 a - cos 9 sin 9 “ 0 

2r sin^ 9 r'* 

Two values of 9 satisfy this equation, which are found from: 


- , 1,4a. _ 

cos 9 — 0 and-r-TT" + " ~o“ sin 9 — 0 

2 sin- 9 n 

The first relation gives a linear model for the molecule, and the 
second 

sin 9 = 

giving the angle of the less symmetrical molecule which can only 
exist when sin 9 < 1 and therefore 

(r^/8a) <1 or a> r^/8 


In order to determine whether the less symmetrical model is really 
stable, or that dEld(p really is a minimum, we must find 


We then have 
d^E _ e V 

2 cos^ 9 1 1 

2r \ 

sin® 9 ' sin 9 


/I + cos® 9 '\ 

2r 

\ sin® 9 


1 /I + cos® 9 \ 

Yr 

(\ sin® 9 / 

For the linear model cos 9 = 


4 (cos- 9 — sin^ 9) 


a 


(cos^ 9 — sin^ 9 ) 


stable when d^Eld<^^> 1 so that (18a//*®)> 0 and (8a/r®) < 1. 
Therefore, if we could allow the value 8a /r® of a molecule to in¬ 
crease continuously, when it reaches unity the molecule would 
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begin to have lower symmetry. If we still wish to correct the 
energy for the change of r, then we must differentiate the ex¬ 
pression for E with respect to r and eliminate B. At this point, 
however, the exact calculation can be taken no further because 
in hydrogen compounds no normal Born repulsion exists. The 
calculation can be carried through successfully for all molecules 
not containing hydrogen ions. 

In more complicated molecules a value for /x cannot be found 
directly; E is then expressed as a function of /x, for example, for 
water 

„ ^ 1 efjL cos 0 2 B 

r /•“ s 2a r 

In this expression the second term is the energy due to the inter¬ 
action of dipoles with charges, and the fourth term is the energy 
required to form the dipole; /x can then be found from dEjdyi = 0 

2 a C 

which gives the value /x — — — cos 9 found above. 


55. SPECIAL ELECTRON CONFIGURATIONS 
VALENCIES OF RARE EARTHS 

According to theory, the groups of eight and eighteen electrons 
forming the outer shells of many ions have been further sub¬ 
divided and the new subdivisions are called s, /?, d and/electrons. 
The shell of a noble gas consists of 2s and 6p electrons, the 
18-electron configuration of Is, 6p and iOd electrons, and the 32 N 
electrons in the rare earth elements comprise 2s, 6p, lOd and 14/ 
electrons. 

The s electrons are somewhat more strongly bound than the p 
electrons. It is therefore understandable why we frequently en¬ 
counter positive ions with two electrons in the outermost shell; 
this effect also plays a part in the formation of tervalent N, P, 
As, Sb and Bi, tetravalent S, Se and Te, and pentavalent Cl, Br 
and I compounds. Further, according to the theory, a certain 
stability must be ascribed to those configurations in which the 
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groups are just half filled. So for example has the following 
electronic distribution 

2/r, 8L, 13 M 

in which the 13 iV/ electrons have to be further subdivided into 
2s, 6p and 5d electrons. 

The group of d electrons is therefore just half full. We find the 
same configuration in Fe^+ whereas Cr+ is not known. Co^+ 
probably occurs in C 03 O 4 which we have to write as CoOo.2CoO, 
The stability of a half filled subgroup is very clearly demon¬ 
strated in the rare earths. These are not always only tervalent; in 
the first place Ce occurs as a tetravalent element in CeOg: Pr may 
perhaps form pentavalent ions amongst the known higher oxides 
of this element. Both Ce^"*" and Pr®+ ions have the same structure 
as the Xe atom. 

Gadolinium 64 has just half the/'electrons of the N group, so 
that the electronic structure of its tervalent ion is 

2K %L 18 M (2 + 6 + 10 + 7) yV^ 18 O 
Europium 63 can have the same structure as a divalent ion if 
one of the valency electrons goes over to the N group. It therefore 
forms very stable divalent compounds. On the other hand, 
terbium can have the same structure, when it gives up four 
electrons, and it therefore also forms tetravalent ions in TbOg. 
At the end of the group a divalent element occurs again. Lutecium 
71 forms tervalent ions with the following configuration 

2K 8 L 18A/ 22N 180 

The preceding element ytterbium 70 can also form the same 
structure as that of the divalent ions because an electron of the 
outermost group goes over to the N group and compensates it; 
Yb forms stable divalent ions as Eu does. 
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1 Hydrogen 

H 

1 008 

31 Gallium 

Ga 

69-72 

2 Helium 

He 

4 003 

32 Germanium 

Ge 

72-60 

- “ — 


— 

33 Arsenic 

As 

74-91 

3 Lithium 

Li 

6-940 

34 Selenium 

Se 

78-96 

4 Beryllium 

Be 

9-02 

35 Bromine 

Br 

79-92 

5 Boron 

B 

10-82 

36 Krypton 

Kr 

83-7 

6 Carbon 

C 

12-01 

-- 


— 

7 Nitrogen 

N 

14-01 

37 Rubidium 

Rb 

85-48 

8 Oxygen 

O 

16-00 

38 Strontium 

Sr 

87-63 

9 Fluorine 

F 

19-00 

39 Yttrium 

Y 

88-92 

10 Neon 

Ne 

20-18 

40 Zirconium 

Zr 

91-22 

11 Sodium 

Na 

23-00 

41 Columbium 

Cb 

92-91 

12 Magnesium 

Mg 

24-32 

42 Molybdenum 

Mo 

95-95 

13 Aluminium 

AI 

26-97 

43 Technetium 

Tc 

99 

14 Silicon 

Si 

28-06 

44 Ruthenium 

Ru 

101-7 

15 Phosphorus 

P 

30-98 

45 Rhodium 

Rh 

102-9 

16 Sulphur 

S 

32-06 

46 Palladium 

Pd 

106-7 

17 Chlorine 

Cl 

35-46 

47 Silver 

Ag 

107-9 

18 Argon 

Ar 

39-94 t 

48 Cadmium 

Cd 

112-4 


— 


49 Indium 

In 

114-8 

19 Potassium 

K 

39-10 j 

50 Tin 

Sn 

118-7 

20 Calcium 

Ca 

40-08 







51 Antimony 

Sb 

121-8 

21 Scandium 

Sc 

45-10 

52 lellurium 

Te 

127-61 

22 Titanium 

Ti 

47-90 

53 Iodine 

I 

126-9 X 

23 Vanadium 

V 

50-95 

54 Xenon 

Xe 

131-3 

24 Chromium 

Cr 

52-01 




25 Manganese 

Mn 

54-93 

55 Caesium 

Cs 

132-9 

26 Iron 

Fe 

55-85 

56 Barium 

Ba 

137-4 

27 Cobalt 

Co 

58-941 

57 Lanthanum 

La 

138-9 

28 Nickel 

Ni 

58-69 1 

58 Cerium 

Ce 

140-1 

29 Copper 

Cu 

63-57 

59 PraseodymiumPr 

140-9 

30 Zinc 

Zn 

65-38 

60 Neodymium 

Nd 

144-3 
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TABLE OF KNOWN ELEMENTS 


61 Promethium 

Pro 

— 

62 Samarium 

Sm 

150 4 

63 Europium 

Eu 

152-0 

64 Gadolinium 

Gd 

156-9 

65 Terbium 

Tb 

159-2 

66 Dysprosium 

Dy 

162-5 

67 Holmium 

Ho 

163-5 

68 Erbium 

Er 

167-6 

69 Thulium 

Tu 

169-4 

70 Ytterbium 

Yb 

173-04 

71 Lutecium 

Lu 

175-0 

72 Hafnium 

Hf 

178-6 

73 Tantalum 

Ta 

180-9 

74 Tungsten 

W 

184-0 

75 Rhenium 

Re 

186-3 

76 Osmium 

Os 

190-2 

77 Iridium 

Ir 

193-1 

78 Platinum 

Pt 

195-2 


79 Gold 

Au 

197-2 

80 Mercury 

Hg 

200-6 

81 Thallium 

T1 

204-4 

82 Lead 

Pb 

207-2 

83 Bismuth 

Bi 

209-0 

84 Polonium 

Po 

218-2 t 

85 Astatine 

At 

211 1 

86 Radon 

Rn 

222 

87 Francium 

Fr 

223 

88 Radium 

Ra 

226-0 

89 Actinium 

Ac 

227 

90 Thorium 

Th 

232-1 f 

91 Protoactinium Pa 

231 1 

92 Uranium 

u 

238-1 

93 Neptunium 

Np 

— 

94 Plutonium 

Pu 

— 

95 Americium 

Am 

— 

96 Curium 

Cm 

— 


In the above table the atomic numbers, names and chemical 
symbols of the known elements are given, together with the mean 
atomic weights to four figures, based on oxygen, O = 16*000. 
The sign | indicates the places where the sequence of atomic 
weights of stable elements does not fall into line with that of the 
atomic numbers. Noble gases are shown underlined. 
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FOR FURTHER READING 


The books mentioned below can be recommended to all who 
seek further details of molecular structures and reactions. 
Partington, J. R. General and Inorganic Chemistry, 
Hinshelwood, C. N. Thermodynamics for Students of Chemistry. 
Partington, J. R. Chemical Thermodynamics, 

Bunn, C. W. Chemical Crystallography. 

Evans, R. C. An Introduction to Crystal Chemistry, 

Bragg, W. L. The Crystalline State Vol. I, 

Debye, P. Polar Molecules, 

Pauling, L. C. Nature of the Chemical Bond, 

Sirkin, Y. K. and Dyatkina, M. E. The Structure of Molecules 
and the Chemical Bond. 
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INDEX 


Acids 2,126 

strength of 85,97,127 
of phosphorus 130 
Adsorption 213 
Alkali metals 8 
Amines 102 

Ammonia, manufacture of 84 
structure of 197 
Ammoniates 170 
Ammonium ion 85,106,111 
Amphoteric hydroxides 132 
Archimedes antiprism 41 
Arrhenius 26,151 
Arsenides 73,98,101 
Arsine 101, 155 
Asbestos 137 
Association 161 
Astatine 9 
Atomic weights 2 
Atoms, existence of 2 

distance between 22 
radii of 23 
atomic number 5 
chains of 186 
Avogadro’s number 42 ,153 
Axial ratios 109 
Azides 121 


Bases 2,97,126 

strength of 127 
dissociation of 131 
Beryl 136 

Benzene, structure of 188 
Bohr 3 

Boltzmann constant 153 
Bond, chemical 14 

heteropolar or ionic 14 
homopolar or covalent 84,185 
transition between different types of 204 
metallic 201 
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INDEX 


Born cycle 61 

repulsion forces 216 
Brownian movement 2 


Cadmium iodide 147 
Calcium carbonate, structure of 108 
Carbonates, stability of 118 
Carbon tetrachloride 2 
Chalcides 69 
Chalcogens 8 

Chemical reaction, between elements and compounds 97 
Chromates 135 
Colloids 206 

of silver chloride 207 
of arsenious sulphide 208 
precipitation of 209 
hydrophilic 213 
Colour of compounds 145 
Complex, formation of 46,106 

hydrogen compounds 123 
ions 110,190,193 
Compounds, shielded 43,46 
complex 56,106 
coordination 51 
of like atoms 185 
Coordination, numbers 59 

numbers of complex ions 113 
Coulomb’s law 15 
Covalent bond 25, 125, 185 
Crystal, formation of 22,45 
energy 53,145 
lattice 55 
types of lattice 59 


Debye 179 

Decomposition, double 93 

of carbonates 118 
of nitrates 120 
of sulphates 119 
Deliquescence 214 
Diamond structure 189 
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INDEX 


Dielectric constant 153 
Dipole moment, permanent 151 

and structure 155 
and boiling points 156 
and ionic dissociation 168 

Dissociation 19 

of compounds 20, 79 
ionic 61,164,168 
energy of free molecules 40 
energy of crystals 54 
of water 84 
of acids 128 
of bases 131 
Double salts 106 


Electron 4 

special configurations of 222 
diffraction 41 
transfer 100 
cloud 21 
pairs 185 
Electronic theory 3 
shells 9 
affinity 31 

structure of elements 12 
Energy, of ionization 5 
kinetic 14 
potential 15 

change in chemical reactions 16 
change in molecular formation 41 
crystal 53 

changes in double decomposition 93 
changes in complex ion formation 111 
changes in mutual solubility 180 
Equilibria in reactions 89 
Evaporation, mechanism of 18 


Fluorine complexes 122 
Forces, of attraction 15 

of repulsion 21,216 
Francium 8 
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Goldschmidt 56,218 


INDEX 


Halides, heat of formation 71 
reactions between 93 
of carbon 158 
Heats of formation 60 

of halides 62, 71 

of ionic compounds 63 

of oxides 71,87 

of sulphides 71,87 

of hydrogen compounds 82 

dependence on charge and radius of ions 64 

Helium ions 82 
Hydrates 165 

structure of 170 
Hydration 165 
Hydrazine 85 
Hydrides 81,193 
Hydrofluoric acid 84,97 
Hydrogen 5 

compounds 80 
Hydrolysis 96 
Hydronium compounds 122 
ion 111 
Hydroxylamine 85 
Hypochlorous acid 133 


Ice, structure of 162 
density of 160 
Induction 19,140 
Iodides 65, 67, 99 
Ionic compounds 40 
bond 14 

Ions, in crystals 24 

in solution 26,51 
positive 28 
radius of 22, 25 
effect of charge on size 33 
volume of 113 
deformation of 55,216 
Ionization energy 5 
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Kekul]§ 188 
Kossel 24, 26, 44, 48 
Krypton 6 


NDEX 


Lanthanum hydride 81 
Lavoisier 1 
Lewis 24 
London 179 


Madelung constants 54, 69, 93 
Magnesium sulphate 107 
Mendeleeff 5 
Metals, structure of 201 

compounds between 204 
Mica 137 

Molecular lattice 83,146 


Neon 6 

Nitrates, decomposition of 120 
Nitrides, volatility of 50 

heats of formation 69, 73 
reactions of 88 
Noble gases 6 

ions 74 
structure of 28 
Nucleus of atom 3 


Olivine 136 
Orthoperiodates 114 
Orthotellurates 114 
Ostwald 2 

Oxidation, mechanism of 99 
agent 102 
Oxides of chlorine 77 
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INDEX 


Pauling 35 
Periodic system 5, 7 
Perowskite 109 
Peroxides 120 
Persulphides 121 
Phosphates, structure of 135 
Phosphonium ion 111, 122 
Phosphorus, acids of 130 
salts of 135 
Planar structure 41, 155 
Plutonium 9 
Polarization 141, 99 
Poly iodides 121 


Radioactive elements 8 

Radon 6 

Rare earths 6,16 

valencies of 222 
Reduction 99 
Resonance 189,195 
Rutile 68 


Screening 47 
Selenates 77 

Selenium, structure of 186 
Silicates 135 

Sodium chloride, structure 53 
Solubility, of liquids 178 

effect of dipoles on 182 
Spectral adsorption 145 
Spinel 110 

Stability of compounds and heats of formation 79 
Steatite 137 
Stibides 88 

Structure of liquids 162 
of molecules 40 
influence of ionic size on 56 
determination by x-rays 2,111 
Subgroup elements 7, 74 
ions 76 

compounds of 93 
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INDEX 


Substitution, rules in chemical reactions 88 

in compounds by positive ions 90 
of one metal by another in compounds 98 
Sulphur, compounds of 87 
Svedberg 2 

Symmetry of molecules 43,141,149 


Technetium 9 

Tellurates 114 

Tellurides 88 

Tellurium 186 

Tetrahedral structure 41,155 

Tetrazoles 187 

Thorides 11 

Transuranic elements 9 


Uranium 5 


Valency 11 

effect on stability 80 
changes in chemical reactions 99 
limitation of 29 
of positive ions 30 
of subgroup ions 74 
effect on stability 80 
changes in chemical reactions 99 
link 185 

Van der Waals forces 14,174 
Van Laar 48 
Von Laue 22 
Volatility 44 

effect of shielding 48 
of metallic halides 49 


Water, structure of 163 
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INDEX 


X-Rays 2 

spectra 5 

determination of structure 134, 139,148 
Xenon 6 


Zinc sulphide, structure of 55 
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